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Same Wires- 
many more voices 


Connecting new multi-voice system to open-wire 


lines, near Albany, Georgia. With new system, 
150,000 miles of short open-wire telephone lines 
can be made to carry up to 16 simultaneous 
messages economically. 








Mucu of your Long Distance iclephon. 
system works through cable but open. 
wire lines are still the most economical jy 
many places. Thousands of these cireyi;, 
are so short that little would be saved |, 
using elaborate carrier telephone systey, 
which are better suited for long-hay| 
routes. But a new carrier system... the 
Type O designed especially for shor 
hauls...is changing the picture. | js 
economical on lines as short as 15 miles. 
With Type O thousands of lines yjjj 
carry as many as 16 conversations apiece, 


Type O is a happy combination of 
many elements, some new, some used in 
new ways. As a result, terminal equip. 
ment takes up one-eighth as much space 
as before. Little service work is required 
on location; entire apparatus units can 
be removed and replaced as easily as 
vacuum tubes. 


Moreover, the new carrier system saves 
copper by multiplying the usefulness of 
existing lines. For telephone users it 
means more service... while the cost 


stays low. 


Repeater equipment is mounted at base of pole ” 
cabinet at right, in easy-to-service position. Lef 
hand cabinet houses emergency power supply. Syste" 


employs twin-channel technique, transmitting two 


channels on a single carrier by using upper and lowe 
sidebands. A single oscillator serves two channe’s 


Improving telephone service for America provides careers for creative men in scientific and technical fields 


BELL TELEPHONE LABORATORIES @® 
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Theoretical Analysis of the Diffusion Processes Determining 


the Oxidation Rate of Alloys’ 


CaRL WAGNER 


Department of Metallurgy, Massachusetts Institute of Technology, Cambridge, Massachusetts 


ABSTRACT 


The interplay of diffusion processes in metallic and oxide phases during the oxida- 
tion of alloys is analyzed theoretically for specified ideal conditions. 

The oxidation rate of alloys containing a noble metal (Au or Pt) and an oxidizable 
metal (Ni, Cu, or Zn) is calculated as a function of the alloy composition. The oxida- 
tion rate of Ni-Pt alloys at 850° and 1100°C is essentially determined by the diffusion 
of nickel to the alloy-NiO interface if the mole fraction of nickel is less than 0.5. Ob- 
served oxidation rates are in accordance with values calculated from diffusion data. 

Alloys in which both constituents are oxidizable may form either a one-phase or a 
two-phase scale. A necessary but not sufficient condition for the formation of a scale 
consisting of only one oxide is stated. Results for Cu-Ni and Cu-Zn alloys are essen- 
tially in accordance with theoretical considerations. 


On the other hand, it is shown that two oxides may nucleate initially and continue 
to grow even under conditions under which exclusive formation of the oxide of the 
less noble metal is a possible process. This is illustrated by observations on Cu-Al 


alloys. 


INTRODUCTION 


When an alloy is oxidized at elevated tempera- 
tures, the ratio of the components in the scale will 
in general differ from the ratio of the components in 
ihe alloy. Thus, diffusion processes in both the reac- 
tion product and the alloy are to be considered in a 
theoretical analysis. As a special instance, Rhines 
and his associates (1) and Darken (2) have analyzed 
the interplay of diffusion processes in the alloy and 
an outer oxide layer for the internal oxidation of 
copper and silver alloys. In this paper, a theoretical 
analysis for other idealized conditions is presented. 
lt is shown that such an analysis leads to a better 
understanding of more complex situations of par- 
ticular practical importance. 

Throughout this paper it is assumed that virtually 
complete thermodynamic equilibrium between adja- 
cent phases prevails and, therefore, practically only 
diffusion processes determine the oxidation rate. 

A straightforward theoretical analysis is possible 
if one oxide phase is formed. This is the case-only for 
certain concentration ranges of an alloy, which will 
be considered below. 


Tue OxipaTtTion or Ni-Pt ALLoys 


When Ni-Au and Ni-Pt alloys are exposed to air 
at about 1000°C, only nickel oxide is formed. The 
u0ble metal is enriched in the remaining alloy, which 
a substitutional solid solution of nickel in the no- 
ble metal (or vice versa) without miscibility gap. 


‘Manuseript received May 21, 1952. 


Enrichment of the noble metal and depletion of 
nickel at the alloy-oxide interface lead to inward 
diffusion of the noble metal and outward diffusion 
of nickel as is schematically shown in Fig. 1. The 
scale for the nickel deficit in NiO is much larger than 
that for the alloy composition, since the nickel defi- 
cit in NiO under an oxygen pressure of 1 atm at 
1000°C is of the order of 0.1 per cent or even less. 

Experimental investigations on Ni-Au alloys by 
Wagner and Griinewald (3) have shown that at 
900°C a porous conglomerate of NiO and gold is 
formed and not a coherent layer of NiO. Accordingly 
the parabolic law does not hold and the oxidation 
rate of Ni-Au alloys is higher than that of pure 
nickel. 

On Ni-Pt alloys, a coherent layer of nickel oxide 
is formed and the parabolic rate law holds as has 
been shown by Kubaschewski and von Goldbeck 
(4). These authors have also reported that their ex- 
perimental results seem to be in accordance with 
calculations communicated personally by Wagner, 
but the evaluation of these experiments needs some 
modification as has been discussed by Thomas (5) 
and Kubaschewski and von Goldbeck (6). Accord- 
ing to Thomas (5, 7) there is also some subscale 
formation, which, however, is disregarded in the 
present analysis, since the relative amount of the 
subscale is small. 


DIFFUSION IN NICKEL OXIDE 
If pure nickel is oxidized in air at about 1000°C, 
the rate is inversely proportional to the instanta- 
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neous thickness of the oxide layer, which in turn is 
proportional to the displacement Azmetai of the metal 
surface. Thus a modified form of the parabolic rate 
law is 


TAZ metal _ ko 


= l 
dt AT metal ( 


where ko is the “corrosion constant,” 
superscript sign referring to pure nickel. 


A corrosion constant 


the degree 


ke = (Atmetat) /(2t) (2) 
may also be calculated for alloys if the parabolic 
law is obeyed. From the corrosion constant the dis- 

Ni-Pt ALLOY NiO Oo 


Pt Ni |Ni**,2e- 
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t | 


—- X 











Fig. 1. Diffusion processes during the oxidation of Ni-Pt 
allays. 


placement of the metallic surface is readily obtained 


as 
AZ metal = (2ket)’. (3) 


The corrosion constant k¢ is, therefore, a particu- 
larly informative parameter from an engineering 
point of view and, in this respect, preferable to other 
rate constants. 

According to Le Blane and Sachse (8) and von 
Baumbach and Wagner (9) nickel oxide contains a 
small excess of oxygen, equivalent to a deficit of 
metal, depending on temperature and the oxygen 
partial pressure of the ambient gas. The constitu- 
tion of nickel oxide is analogous to that of wiistite 
(10). Thus there are cation vacancies and trivalent 
nickel ions. Migration of nickel ions takes place by 
jumping of nickel ions from norma! lattice sites to 
adjacent vacant sites (3). Migration of electrons oc- 
curs by the exchange of electrons between divalent 
and trivalent nickel ions (3, 9). The migration rate 
of nickel ions is essentially proportional to the gra- 
dient of the concentration of nickel ion vacancies. 
From the ideal law of mass action for the equilibrium 
between elemental oxygen, nickel ion vacancies, and 
trivalent nickel ions (electron holes) it follows that 
the concentration of nickel ion vacancies is propor- 
tional to the sixth root cf the oxygen partial pres- 
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sure provided that there are no other latti:e defo, 
(3, 9). Accordingly the oxidation rate is ex;ected ;, 
be inversely proportional to the thickness of ;, 
oxide layer Azoxiae and proportional to 


((Pozva))” ‘_ (Pozi) | 


where Poza) is the oxygen partial pressure of thp 
ambient gas and p,.) is the oxygen equilibriyy 
pressure at the metal-oxide interface. Thus the fy 
S, of metal ions passing an oxide layer of give 


9 


‘ . l 
thickness in mole em “ sec ~ equals 


S = constant [(posve)) _ (Poaiy)”"\/ Adoxiae { 


where v = 6 for the special case of nickel oxide. 

If pure nickel is oxidized, the oxygen partial pres 
SUTe Pox) equals the dissociation pressure z,, of Ni() 
coexisting with pure nickel. Thus the flux 8° oj 
nickel ions across a layer of NiO on pure nicke! 
equals 


Ss” => constant [(Porvay) ‘ ers (2) "] ‘ AZoxide. , 


This relation is approximately in accordance with 
experimental results (3). 
The equilibrium condition for the reaction 


2Ni (alloy) + O» (gas) = 2NiO 6, 
may be written as 


4/z 
(Qa) Por = Tos i 


where z = 2 is the valence of nickel in NiO and a 
is the thermodynamic activity of nickel referred to 
as component A (with pure nickel as the referenc 
state). Since activities of this system have not yet 
been determined, approximately ideal behavior is 
assumed. Thus the equilibrium condition betwee 
NiO and an alloy with the nickel mole fraction \ 
at the alloy-oxide interface becomes 


r 4/e 
(N aca) Por == Woz: 5 


From equation (8) it follows that the mole frv 
tion of nickel N4,.) in an alloy coexisting with Ni) 
and the ambient oxygen partial pressure pozca) is (le 
termined by 


r 4/e 
(Nace) Poz(a) = Tor: y 


The value N 4;-) will be referred to as “equilibrium 
mole fraction” of nickel for a given ambient oxyge! 
partial pressure. Solving equation (9) for Nac, 


r 2/4 { 
N se = [tor/ Poxia)| ° 10 


Upon dividing corresponding sides of equation 
(4) and (5) and eliminating the values of Pu 
and Poza) With the aid of equation (8) and (9), the 


ratio a of the oxidation rates of an alloy ana pure 


nickel for a given thickness of the oxide layer (0 ® 
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riven displacement of the metal surface) is found to 
he 


l/r 


= (Dosta))” war (Pozci)) 


ay (Pesta)! — (mo2)"!” 


. ) 
t= WNaco/Nawl 
= [N acey]*/” 


DiFFUSION IN Ni-Pt ALLOYS 


For the sake of simplicity it is assumed that the 
interdiffusion coefficient, D, in the alley is inde- 
pendent of the composition of the alloy. Thus, ac- 
cording to Fick’s second law, 


(AN ,/at) = D (8°N 4/02") (12) 


where tis time, x the distance from the surface of the 
loy at £ = 0, and Ny, the local mole fraction of 
nickel. 

The initial condition is 


Nua = Naw fort = Oandz > 0 (13) 


vhere NV 4@) is the mole fraction of nickel in the alloy, 
alled “bulk mole fraction.” 

The number of gram-atoms of metal per unit 
olume of the alloy is designated by c, equal to the 
reciprocal of the atomic volume of the alloy. A 
olume element of the alloy of unit cross section and 
lepth dArmeta: at the alloy-oxide interface contains 
1 — Navy )dArmetar gram-atom of platinum, which 
loes not enter the oxide phase but diffuses into the 
aterior of the alloy. Its amount follows from Fick’s 
rst law. Thus, 


1 — Nac) (dAXmetar/dt) 
_ — p{ale( = Na)li 
| Ox 


r=AzZmetal 
= De(AN 4 (: ) ana 


{ the dependence of the atomic volume and ¢ on the 
illoy composition is disregarded. 

In view of equations (1) and (11) the displacement 
{ the metal surface per unit time equals 


AL metal ‘dt = ake /AXmetai- ( 15) 


In the following it is assumed that the values of 
the corrosion constant, k%, of pure nickel, the inter- 
liffusion coefficient, D, the bulk mole fraction, N 4), 
ind the equilibrium mole fraction, N 4;.), determined 
iy the ambient oxygen partial pressure and the dis- 
velation pressure of nickel oxide, z,,, according to 
«uation (10), are given. Then it is possible to cal- 
late all other values, especially Ny; and a, with 
the aid of equations (11) to (15). 


For convenience, the dimensionless group 


vy = D/keo 


is introduced. Then the mole fraction of nickel as a 
function of distance, x, from the initial surface and 
time, t, is found to be 


N, (2, t) = Naw (17) 
+ (N40) ie Naw) 


where the symbol erf denotes the error function. 
The position of the alloy-oxide interface, equal to 
the displacement of the metal surface, is given by 


AXmetar = (2aket)’. (18) 


In equations (17) and (18) the nickel concentration 
N acy at the alloy-oxide interface and the ratio a of 


0.8 

















os “16 
Fig. 2. Function F(u) defined in equation (20) 


the oxidation rate of the alloy to that of pure nickel 
for a given thickness of nickel oxide are determined 
by the simultaneous equations (11) and 


(Naw — Naw)/( — Naw)= FlC4a/y)'] (19) 
where the auxiliary function F(u) with u as general 
argument is detined by 

F(u) = ru(l— erf u) exp u. (20) 


A graph of the function F(u) is shown in Fig. 2. 
For small and large arguments, respectively, the 
following approximations may be used 

F(u) = ru ifu<l (21) 
F(u) ~1 — Wu? +-:-:: ifu> 1. (22) 

The validity of equations (17) and (18) is readily 
verified by substitution in equations (12) to (15) and 
use of the subsidiary equations (11), (19), and (20). 
The general form of the solution obtained in equation 
(17) is similar to those for other problems involving 
a moving boundary (1, 2, 11). 

DISCUSSION OF OBSERVATIONS 


In view of equations (2) and (18), the value of a 
equals the ratio of the corrosion constants for the 
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alloy and pure nickel, 
a= ke/ke. (23) 


The value of a may be read from a graph a vs. 
Naw, Which is obtained by calculating values of 
N4@ from equation (19) and (11) for appropriately 
assumed values of a@ and given values of y and N4,). 

The shape of the curves a vs. N4@) depends de- 
cisively on the value of N 4¢.). 

Table I lists the oxygen equilibrium pressures ,, 
over nickel oxide and pure nickel, which have been 
calculated by combining the equilibrium constants 
for the reactions 2CO + O. = CO, and 2Ni + 
O, = 2NiO according to Kassel (12) and Fricke and 
Weitbrecht (13). Furthermore, the equilibrium mole 
fractions N4;.) of nickel are listed for an ambient 
oxygen partial pressure of 0.21 atm corresponding 
to air of atmospheric pressure. 


TABLE L. Evaluation of measurements of the oxidation rate 
of Ni-Pt alloys 


Temp Woz er J ke D 
Cc atm NACo) g*cm~‘sec"!| cm?/sec cm*/sec ’ 


850 9.1K 10" 6.4 107 | 1 x 
1100 | 8.0K 10° | 6.2 X 10°% | 1.39 X 


At low temperatures the value of N4;.) is much 
less than unity. Thus the subtractive terms 


r /ar 4/ (zr) r \4/ (zr) 
(Naw/Naw) and (Nu) 


in equation (11) are negligible except if the mole 
fraction N 4; at the alloy-oxide interface is less than 
about 0.01. If Na; y > 0.01, the oxidation rate is 
determined almost entirely by the rate of diffusion 
processes in the oxide phase but not by diffusion in 
the alloy phase. Thus the oxidation rate is expected 
to be virtually independent of the alloy composition 
as far as Nac > 0.01. 

An approximate value of the lower limit of the 
bulk mole fraction of nickel for a > 1 may be cal- 
culated by setting Nu,» in equation (19) equal to 
zero. Thus, 


Naw > F{(1/2y)!) 


fora + 1 and Nug) <1. 


(24) 


If the bulk mole fraction of nickel is greater than 
the right-hand side of equation (24) and thus 
a = 1, the mole fraction of nickel N 4; at the alloy- 
oxide interface as a function of N4@) decreases lin- 
early from Nay = 1 for Nag) = 1 to Naw = O 
as follows from equation (19) witha = 1 


, 


Voc, = Naw — FU/(2y)'I 
si ig 1 — Fl1/(2y)}) (25) 


if Naw) > Fli/(2y)'). 
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On the other hand, if the bulk mole frac: on Nis 
is less than the right-hand side of equation (24), aj 
thus Navy < 0.01, equation (19) becomes 


Naw = F[(44a/y)') 


” 


if Naw < F{l/(2y)'). 


Under these conditions the oxidation rate js do. 
termined almost entirely by the diffusion of nickel jy 
the alloy toward the alloy-oxide interface, accom. 
panied by diffusion of platinum in the opposite 
direction. Thus, designating by F the inverse fyyy. 
tion of F and using equation (16) and (23), 

ke = 2D \F (Naw) 
if Naw < F{1/(2y)'). 


~! 


Accordingly there are breaks of the curves a ys 
N aq in Fig. 3 at the compositions at which the trap. 
sition from a = | toa < | takes place. 
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Fic. 3. Theoretical curves for the oxidation rate of « 
loys of type Ni-Pt. Curve 1: y = 10; curve 2: y = 3; curve: 
y = 1; curve 4:7 = 0.3; curve 5:7 = 0.1. 


Kubaschewski and von Goldbeck (4) have pre. 
sented experimental curves similar to those shown !! 
Fig. 3 with a break of the oxidation rate at about 2) 
atomic per cent Ni. Re-evaluation of these data, 
however, leads to somewhat different conclusions 

Experimental results obtained by Kubaschewsk! 
and von Goldbeck have been used to calculate 4 
rate constant kx according to the definition 


(Moxiae/A)*/t = kx (28 


where A is the area of the sample, and the mas 
of the oxide moxiae has been calculated from the 
directly observed weight increase of the sample by 
dividing by the weight fraction of oxygen in nicke 
oxide. Equation (28) is similar to the well-know! 
rate law of Pilling and Bedworth (14), but the latter 
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nvolves -n€ Mass increase instead of the mass of 
ss of oxide per unit area, Moxiae/A, equals 
the product of thickness, Azoxiae, and density, poxiae- 


[hus, 
AXoxide = (Moxiae/A)/Poxide- 


The number of gram-atoms Ni per unit area of the 
oxide layer equals (a) the thickness Azoxiae divided 
by the molar volume Vyio, and (6) the displacement 
Arma: Of the surface of the metallic phase divided 
by the atomic volume of nickel, Vy;. Thus 


AX metal = AZoxide (Vwi/ Vio). (30) 


Kubaschewski and von Goldbeck (4) used this 
equation but modified it by introducing the mole 
fraction of nickel into the denominator on the right- 
hand side. The correct relation is however, as stated 
in equation (30). 

In view of equations (28) to (30), the corrosion 
onstant ke defined in equation (2) is to be calcu- 


lated as 
kx ( Vwi ) 
ke = 4 —~ (|, — }. (31) 
. (Poxide)” J NiO 


Numerical values of the corrosion constant k?. 
{ pure nickel (4), the interdiffusion coefficient (15) 
), andy = D/k¢ are listed in Table I. 

Fig. 4 shows curves a vs. N4w) which have been 
alculated from equations (11) and (19) by substi- 
tution of the values of N 4¢-) and y given in Table I. 
In addition, Fig. 4 shows the values derived from 
Kubaschewski and von Goldbeck’s (4) measurements 
with the aid of equations (23) and (31). The errors 
of these values are considerable in view of large 
deviations between the results of runs under equal 
conditions. For Pt-rich alloys, in which diffusion in 
the metallic phase is the rate-determining step, the 
agreement between observed and calculated values 
of a is satisfactory for 850°C and fair for 1100°C. For 
Ni-rich alloys, however, the observed values are 
definitely less than the calculated values, which are 
practically equal to unity according to equation 
24), , 

Consequently, at least one of the underlying as- 
sumptions does not hold. 

|. The volume per gram-atom of metal in the 
lloy varies considerably with composition from 6.6 
m/g-atom for nickel up to 9.1 em*/g-atom for 
platinum and there may be a much larger concen- 
ration dependence of the interdiffusion coefficient, 
), which thus far has been determined by Kuba- 
vhewski and Ebert (15) only from diffusion experi- 
ments with pure platinum and an alloy with 14.9 
atomic per cent Ni. 
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2. There may be deviations from an ideal solu- 
tion presupposed in equations (8) and (11). 

3. The actual dependence of the migration rate 
of nickel in NiO on the oxygen partial pressure 
Poxi) May be different from that assumed in equation 
(4), since at low oxygen pressures the concentration 
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Nwitb) 
Fig. 4 
Fic. 4. Oxidation rate of Ni-Pt alloys. Experimental 
values according to Kubaschewski and von Goldbeck (4); 
solid curves calculated from equations (11) and (19). 


of other lattice defects apart from cation vacancies 
and electron holes may not be negligible. If there 
also are excess electrons, another exponent of poz) 
in equation (4) is expected (16). Another dependence 
ON Pox) also results if there are impurities such as 
Cr or Mn in Ni (17). 

4. The number of cation vacancies and thus the 
migration rate of Ni** ions in NiO for a given gradi- 
ent of the oxygen partial pressure may be decreased 
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if NiO dissolves small amounts of Pt or impurities 
associated with Pt. According to Kubaschewski and 
von Goldbeck (18) and Horn (19) the oxidation rate 
of nickel depends considerably on its purity. Wagner 
and Zimens (17), Himmler (20), and Hauffe and 
Gensch (21) have shown that small amounts of 
foreign metals necessarily affect the oxidation rate 
of a metal if the foreign metals are dissolved in the 
scale and change the concentration of lattice defects 
present. 

Effects due to causes mentioned under 1, 2, and 3 
seem hardly sufficient to account for the deviations 
of the experimental results for Nyio, = 0.8 from the 
curves calculated on the basis of simplifying assump- 
tions. Deviations may rather be due to effects men- 
tioned under 4. 
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Fic. 5. Theoretical curves for the oxidation rate of al- 
loys consisting of copper and a noble metal at 1000°C. 
Curve 1:7 = ~; curve 2: y = 10; curve 3: y = 1; curve 4: 
y = 0.1. 


THe OxipaTion or Cu-Avu, Cu-Pp, ANnb 
Cu-Pr ALLoys 


If alloys consisting of copper and a noble metal 
such as Au, Pd, or Pt are oxidized at 1000°C and an 
oxygen partial pressure of 100 mm Hg or lower, only 
Cu,0 is formed. The lattice defects in CuO are 
similar to those in NiO, i.e., there are cation va- 
cancies and electron holes. The value of v in equation 
(4) has been found (3) to be 7. Thus the value of 4/zv 
in equation (11) equals about 14. The dissociation 
pressure of Cu*O at 1000°C is 6.2 K 10-7 atm (22). 
Thus, according to equation (10) the equilibrium mole 
fraction of copper N cu) for an oxygen partial pres- 
sure of 100 mm Hg at 1000°C is as high as 0.045. 
Consequently, curves a vs. Neue) calculated from 
equations (11) and (19) do not show breaks, but the 
oxidation rate decreases continuously with decreas- 
ing copper content (Fig. 5). 

The theory suggested here, however, is not com- 
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plete since internal oxidation due to difi ision of 
oxygen from the alloy-oxide interface into the jy. 
terior of the alloy plays a major part. Refcrence j, 
made to approximate calculations presented | 


)V 
Thomas (5). 


OXIDATION OF ALLOYS INVOLVING A NOBLE Mery, 
AND A Metat WuHose OxipE Conrains 
Excess Meta. 

If an oxide with excess metal is formed, e.g., Zi() 
the migration rate of metal ions via interstitial sites 
is mainly proportional to the difference of the metg| 
excess at the inner and the outer boundary of the 
oxide (16, 23), and these concentrations are pro. 
portional to a fractional power of the respective 
activities of the metal. The activity of the metal iy 
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Fic. 6. Theoretical curves for the oxidation rate of alloys 
consisting of a noble metal and a metal forming an oxide 
with excess metal. Curve 1: 7 = 10; curve 2: y = 1; curve} 
y = 0.1. 


turn is inversely proportional to a certain power 0! 
the oxygen equilibrium pressure as follows from 
equation (7). 

Thus the dependence of the flux across an oxide 
with excess metal is given by (16) 


S = constant [(pozc) Ns (Poza) ) M")/ Ax. (32 


The same formula holds for an oxide with oxygen 
deficit and migration via anion vacancies (16). li 
(Poeva))” >> (Pozi), the second term in brackets 
in equation (32) is negligible. Thus, 


a= Ke = i 4 a (33) 
Ke Tos 
Substitution of equation (8) yields 


a = (Naw). (34) 


From equations (34) and (19) the dependence ©! 
the corrosion constant as a function of the alloy 
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composi t ON, i.e., a curve a vs. N4w) may be calcu- 
lated. Curves for the hypothetical value of 4/zy = 
1, and various values of the parameter y are shown 
* Fig. 6. In contrast to theoretical cures for the 
oxidation of Ni-Pt alloys, there are no breaks. 
Metals whose oxides contain an excess of metal do 
not form solid solutions with noble metals over the 
vhole range of composition. Thus the foregoing con- 
.iderations apply only to limited regions of the phase 


diagram. 
Tue FoRMATION OF COMPETING OXIDE PHASES 


The next problem to be considered is the oxidation 
of alloys involving two constituents A and B, both 
of which are able to form oxides. The crucial ques- 
tion is under which conditions only one oxide and 
under which conditions two oxides or an even more 
omplex scale is formed. Among others, Dunn (24), 
Scheil and Schulz (25), Scheil and Kiwit (26), Scheil 
27), Rhines and Nelson (28), and Gulbransen and 
Hickman (29-31) have dealt with this problem. The 
jollowing factors are to be considered: (a) the differ- 
ence between the free energies of formation of the 
‘wo oxides, (b) the atomic ratio of the alloying ele- 
ments, (c) the ratio of the rate constants for the 
iormation of the oxides on the pure metals, and (d) 
the ratio of the interdiffusion coefficient of the alloy 
to the corrosion constant of one of the pure metals. 
scheil (27) has stressed the significance of the differ- 
ence of the free energies of formation of the two 
oxides, but other factors cannot be disregarded. 

In order to obtain a qualitative understanding of 
the relative significance of the various factors, it 
may be assumed that the two oxides have the formu- 
ae AO and BO and that they are practically in- 
vluble in each other. Moreover, a substitutional 
wlid solution over the whole range of concentration 
rom metal A to metal B is assumed. Thus, in the 
ase Of an ideal solid solution of metals A and B, 
the equilibrium conditions for coexistence of alloy, 
gas, and either oxide AO or oxide BO are 


(Nac) Doris) = Worao) (for oxide AO) — (35) 


(N acy) Pozi) (for oxide BO). —(36) 


Toxr( BO) 


Here Na, and Nai 1 — Nac are the mole 
actions of A and B at the interface between alloy 
ud a growing layer of oxide AO and BO, respec- 
ely, and moec40) ANA Mo2(po) are the dissociation 
pressures of oxides AO and BO coexisting with the 
jure metals, A and B, respectively. 

lf diffusion in the alloy is rapid and thus local 
“richment or depletion of the constituents A and 
Bat the alloy-oxide interfaces is negligible, the oxy- 
en equilibrium pressure po.) aS a function of the 
hulk composition of the alloy can readily be obtained 
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from equations (35) and (36) (Fig. 7). For A-rich 
alloys, the oxygen equilibrium pressure for coexist- 
ence of alloy and oxide AO is lower than the oxygen 
equilibrium pressure for coexistence of alloy and 
oxide BO and, therefore, oxide BO will be unstable 
with respect to oxide AO. Conversely, on B-rich 
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Fic. 7. Oxygen equilibrium pressures for A-B alloys co- 
existing with oxide AO (curve 1) and oxide BO (curve 2), 
respectively, for moz(po) = 10 morca0), D> keys), and D> 
kéve). Region I: exclusive formation of oxide AO; region II: 
exclusive formation of oxide BO. 
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Fic. 8. Oxygen equilibrium pressures at the interface 
between A-B alloys and growing oxide layers of oxides AO 
and BO, respectively, for xor(g0) = 10 mozca0) and D = kx 4) 
= k%:g). Curve 1: oxygen equilibrium pressure at the inter- 
face between the alloy and a growing layer of oxide AO; 
curve 2: oxygen pressure for virtual equilibrium between the 
alloy and oxide BO at the alloy-AO interface; curve 3: oxy- 
gen equilibrium pressure at the interface between the alloy 
and a growing layer of oxide BO; curve 4: oxygen pressure 
for virtual equilibrium between the alloy and oxide AO at 
the alloy-BO interface. Region I: exclusive formation of 
oxide AO; region II: exclusive formation of oxide BO; 
region III: formation of a conglomerate of two phases. 


alloys oxide BO will be stable. The stability range 
of the oxide with the higher dissociation pressure 
will be very narrow if the dissociation pressures 
Torso) &Nd t2(n0) differ considerably as is illustrated 
in Fig. 9. In many systems, one oxide will, therefore, 
be stable over virtually the entire range or composi- 
tion. 
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Actually, the interdiffusion coefficient in an alloy 
is not infinitely large. The concentration of A at 
the interface between the alloy and a growing layer 
of oxide AO will, therefore, be lower than the bulk 
concentration Ny. Thus the oxygen equilibrium 
pressure at such an interface will be higher than the 
oxygen pressure calculated regardless of local con- 
centration differences. This is shown in Fig. 8 for the 
special case in which the corrosion constants of the 
pure metals ko,4) and ké,:») are equal to the inter- 
diffusion coefficient, D, and the dependence of the 
migration rate in the oxides is accounted for by 
equation (11) with negligible values of the equilib- 
rium mole fractions of the metals A and B. 

If, on the surface of an A-rich alloy, oxide AO is 
formed exclusively, the concentration of A in the 
alloy adjacent to the interface between alloy and 
oxide AO decreases linearly with decreasing bulk 
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Fic. 9. Mole fraction Ng of A-B alloys coexisting with 
oxides AO and BO as a function of the ratio m,2:g0)/torcA0)- 


concentration of A according to equation (25). Upon 
substitution of equation (25) in equation (35), the 
oxygen equilibrium pressure at the interface be- 
tween the alloy and a growing layer of oxide AO is 
obtained (curve 1 in Fig. 8). In view of the deple- 
tion of metal A, the resulting oxygen pressures for 
given bulk concentrations of A are much higher than 
for the limiting case of infinitely large diffusivity 
shown in Fig. 7. Upon substitution of Nay = 1 — 
N acy In equation (36), the oxygen equilibrium pres- 
sure for virtual equilibrium between the alloy and 
oxide BO at the alloy-AO interface is obtained (curve 
2 in Fig. 8). The intersection of curves 1 and 2 in 
Fig. 8 then indicates the limit for exclusive forma- 
tion of oxide AO. Upon comparing Fig. 7 and 8, 
it follows that the range for exclusive formation of 
oxide AO is narrowed whenever the interdiffusion 
coefficient in the alloy is not infinitely large. 

Similar considerations apply to the formation of 
oxide BO. 

Consequently, there is an intermediate range from 
Ni, to N% in which neither exclusive formation 
of oxide AO nor exclusive formation of oxide BO is 


possible (Fig. 8). In the intermediate range, either 


formation of a conglomerate of the two oxides or 
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formation of a conglomerate of one oxide anc an 
rich in the other metal will take place. 

Scheil (27) has formulated the following rule jy 
A-rich alloys. If metal A has a greater affinity for 
oxygen, a conglomerate of the oxides AO und q p. 
rich alloy is formed, whereas a conglomerate of {hy 
oxides AO and BO is formed if metal B has « greate; 
affinity for oxygen. The affinities of the varioy 
metals for oxygen are to be referred to equal amoun). 
of oxygen, e.g., one g-atom of oxygen. 

For instance, when iron-nickel alloys are oxidized 
a conglomerate of iron oxides and nickel-rich allo, 
is formed according to Stead (32) and Pfeil (33 
Likewise, formation of iron oxide with islands oj 
metallic copper occurs when steel containing a smal! 
amount of copper is oxidized as has been shown by 
Nehl (34) and Scheil and Kiwit (26). ! 

On the other hand, when copper containing te 


alloy 


per cent of zinc is oxidized, a conglomerate of copper 


0, (GAS) 





Cut| e- Cu,0 2Cu"| 2e7 


fnie* 2e-] NiO 


Ni-Cu ALLOY 




















Fic. 10. Oxidation of. Ni-Cu alloys with simultaneous 
formation of NiO and Cu.0. Reaction at the outer surface 
2Cut + 2e7 + 4 O2 = CuO; 
reaction at the NiO-Cu.O interface: 


Ni** + 2e- + Cu.O = 2Cut + 2e- + NiO. 


oxide and zine oxide is formed according to Dw 
(24) and Rhines and Nelson (28). 

If a two-phase scale is formed, the diffusion path 
in an individual phase depends on the spatial «! 
rangement of the two phases. At present, no theoreti- 
cal analysis can be given. When phases also grow ii 
directions parallel to the surface by processes 10 
dicated in Fig. 10, the geometry of a cross sectio! 
normal to the surface will change with time. Thus, 
deviations from the parabolic law necessarily occu’, 
although the parabolic law holds for the pure com 
ponents. 

Since this paper is confined to basic considerations, 
the formation of double oxides such as Niv- Cr) 
is not discussed. 

Effects due to mutual solubility of oxides or halides 
(17, 20, 21) have already been mentioned above 


THe OXIDATION oF Ni-Cu ALLOYS 


Nickel and copper form a solid substitutiona 
solution without miscibility gap. Pilling and Bed 
worth (35) have investigated the oxidation of these 
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alloys 150°C. The parabolic law holds for alloys 
aontainiig 0 to 20 and 80 to 100 per cent of nickel 
but not in the intermediate range. A graph of the 
results is shown in Fig. 11. 

For the reactions 


2Ni (alloy) + Oy 
4Cu (alloy) + O. = 


2NiO 
2Cu,O0 
the equilibrium conditions are 


(Nyiciy) Por = 


T ox(NiO) (39) 


(N cusp) Doz = Tor(Cus20) (40) 


where torevio) @Nd mo2(cu.0) are the oxygen equilib- 
rium pressures for nickel oxide and cuprous oxide 
-oexisting with pure nickel and pure copper, respec- 
tively, and the alloy is assumed to be an ideal solid 
solution. 

According to sources quoted above (12, 13, 22), 
t:(NiO) = 9 X 10-" atm and x,2cu.0) = 2 XK 107 
iim for 950°C. Then it follows from equations (39) 
ind (40) that an alloy coexisting simultaneously with 
iickel oxide and cuprous oxide contains 0.7 per cent 
\i. From a purely thermodynamic point of view, 
iormation of NiO is, therefore, expected for alloys 
ontaining more than 0.7 atomic per cent Ni. 

When nickel oxide is formed on the surface of a 
sven Ni-Cu alloy, however, copper is enriched at the 
surface whereby the range for exclusive formation of 
ckel oxide is narrowed as is shown schematically 
bove in Fig. 8. Pilling and Bedworth (35) have 
reported that at 950°C 6 x 10“ em of nickel are 
onverted into nickel oxide during one hour. Substi- 
tution of this value in equation (12), leads to a 
orrosion constant kéqwiy = 0.5 &K 10°” em’/sec. 
ln contra-distinction to the assumption underlying 
the foregoing theoretical analysis, the interdiffusion 
vefiicient D depends on the composition of the alloy 
36, 37). In Ni-rich alloys the concentration de- 
pendence of D is small, however, and thus use of the 
loregoing equations is justified. If D = 0.3 « 10°” 
m/sec for 950°C is assumed, a value of y = 0.6 
results according to equation (16). 

Exclusive formation of CusO is possible only if 
‘xin > 0.007, ie., the mole fraction of nickel 
or coexistence of alloy, CusO, and NiO. Upon substi- 
luting Nyigy = 0.007 in equation (19) and using 
«uations (10) and (11), a bulk concentration of nickel 
\si) = 0.75 as the lower limit for exclusive forma- 
won of NiO is obtained. The corresponding value of 
‘18 0.93. Consequently, the oxidation of alloys con- 
ning 0 to 25 atomic per cent Cu is expected to 
Vield exclusively NiO with a rate essentially equal to 
‘lat for the oxidation of pure nickel. whereas at 
uigher concentrations of copper the formation of a 
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conglomerate of NiO and Cu.O is expected.’ These 
conclusions are substantially in accordance with 
the experimental results obtained by Pilling and 
Bedworth (35) (Fig. 11). 

A closer inspection of Fig. 11 shows that alloys 
containing less than 25 atomic per cent Cu are 
oxidized with a somewhat higher rate than pure 
nickel. This is probably due to spotwise formation 
of CusO at the beginning when the metallic surface 
is in direct contact with oxygen. When at other points 
of the surface NiO is formed, a displacement reaction 


Cu.0O + Ni (alloy) = 2Cu (alloy) + NiO (41) 


will occur (Fig. 10). In accordance with thermo- 
dynamic considerations, NiO will grow by taking 
over oxygen from CuO, but, at the same time, 














0.4 0.6 
Nwi(b) 
Fig. 11. Displacement Armes of Ni-Cu alloys after one 
hour oxidation in air of atmospheric pressure at 950°C 
according to Pilling and Bedworth (35). 


copper ions and electrons will migrate from the 
Cu,O-alloy interface toward the outer surface. The 
rate of the latter process will exceed the rate of 
transformation of CuO into NiO, because the cation 
mobility is higher in CusO than in NiO (3). Conse- 
quently, formation of “‘unstable” cuprous oxide will 
continue once it has been formed. The rate, however, 
will be limited by lateral growth and further nuclea- 
tion of NiO at the alloy-Cu,O interface, favored by 
enrichment of nickel, so that the cross section of the 
alloy-CusO interface shrinks. 

Hickman and Gulbransen (30) have observed that 
NiO is exclusively formed when Ni-Cu alloys con- 
taining up to 90 atomic per cent Cu are heated under 
an oxygen pressure of about | mm Hg at 800°C. 
Copper oxides have been found only at lower tem- 
peratures. The lower oxygen pressure applied by 
Hickman and Gulbransen corresponds to lower 
values of ké;xi) and thus to higher values of y, 
but the resulting increase of Nyjw) for exclusive 
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formation of nickel oxide is only small if the parabolic 
law is obeyed and the rate constant is proportional 
to the sixth root of the oxygen pressure. Further 
investigations are necessary in order to clarify this 
divergence. 


LIMITING CONDITIONS FOR THE FORMATION OF 
Hieuiy Protective Oxipe Frums 


Dunn (24), Scheil and Schulz (25), Scheil and 
Kiwit (26), Froehlich (38), Price and Thomas (39), 
and others have shown that the oxidation rate of 
iron and copper can be reduced considerably by the 
presence of small amounts of aluminum, beryllium, 
chromium, and silicon as alloying elements. Diffu- 
sion processes in oxides originating from these ele- 
ments are very slow. Thus, formation of a coherent 
layer of such an oxide will minimize the over-all 
oxidation rate. Exclusive formation of the oxide of an 
alloying element A will occur only if A diffuses with 
a sufficient rate toward the alloy-oxide interface. 
The diffusion rate is determined by the difference 
between the bulk concentration and the local con- 
centration at the alloy-oxide interface. The latter 
concentration must be higher than the concentra- 
tion for coexistence of alloy, the oxide of the major 
constituent metal, B, and the oxide of the alloying 
element, A. In most practical cases, this concentra- 
tion is practically zero, since the affinity of A for 
oxygen is much higher than that of B. 

For small concentrations of the alloying element 
the displacement of the metallic surface may be 
disregarded. Thus the well-known relation 


Na = Naw + (Nam — Naw) orf (% X /(DO') 


(42) 


as a close approximation may be used instead of 
equation (17). 

The maximum flux toward the surface occurs if 
Naw = 0, 


an = D [a(cN 4) /Ox\, = CN 4) D!/(xt)* (43) 


where c is the number of gram-atoms of metal per 
unit volume. 

For exclusive formation of the oxide of element A 
the maximum flux must be greater than the consump- 
tion of metal in gram-atoms A per unit area per unit 
time, | d(n4/A) dt|, due to oxidation, 


;, > | d(na lA )/ dt |. (44) 


The latter value may be calculated from the rate 
constant kp, of the parabolic rate law in the form 


suggested by Pilling and Bedworth (14), 
kpp = (Am /A y/t (45) 


where Am/A is the mass increase of a sample per 
unit area (= mass of oxygen per unit area). 
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From equation (45) and elementary stoic) iiome 
relations it follows that 


|d (™) ee (4) 
|\di\ A . 6k. \46 


where z, is the valence of element A in the oxic 
layer and 16 is the atomic weight of oxygen. 

Upon substitution of equations (43) and (46) jy 
equation (44), the minimum concentration for oy. 
clusive formation of the oxide of element A jig o}. 
tained as 


. Ni = a (ae ' 5 
Fie y. l6zac\ D J- a 


If the concentration of the alloying element 4 }) 
B is lower than N 4cmin), a conglomerate of two oxides 
is formed and the over-all oxidation rate may be o/ 
the same order of magnitude as that of pure met, 
B. 

Above the minimum concentration N 4..;,). ex- 
clusive formation of the oxide of metal A is possible 
At the beginning of the oxidation process, however. 
both oxides may be nucleated and may continue to 
grow as has been discussed above for Ni-Cu alloys 
(Fig. 11). Consequently, the calculation of N,, 
in equation (47) gives only a necessary but not « 
sufficient condition for exclusive formation of th 
protecting oxide of metal A. 

If for Naw) > Nain) and initial nucleation of th 
more noble metal B is negligible, the oxidation rat: 
as a function of alloy composition may decreas 
quasi-discontinuously at N4@) = N acminy as has beer 
suggested by Dunn (24) in conjunction with observa 
tions on Cu-Zn alloys. When Cu-Zn alloys with 0 
10 per cent Zn are oxidized at 800°C, the paraboli 
law holds and the rate is about the same as that fo! 
pure copper. The scale consists mainly of Cu,0 with 
inclusions of ZnO according to Rhines and Nelsoi 
(28). Between 10 and 20 per cent Zn the rate is con- 
siderably less than that for pure copper and there are 
wide deviations from the parabolic law, probably 
owing to the occurrence of the displacement reactio! 
(24, 28, 40) CuO + Zn = Cu + ZnO with a continu- 
ous change of the geometrical arrangement of the 
two oxides in the scale. For alloys with more than 2) 
per cent Zn, the oxidation rate is nearly independen! 
of composition, the parabolic law holds in a slightly 
modified form, and the scale consists mainly 0 
ZnQ. Dunn (24) has already pointed out that the 
discontinuities of plots log (Am/A) vs. Ngnw (Fig 
12) are essentially in accordance with calculated 
values of Nenacmin). This conclusion is supported by 
recent diffusion measurements by da Silva and Meh! 
(41). In order to account for the concentration de- 
pendence of D in Cu-Zn alloys, the error function !! 
equation (42) is replaced by a modified error func 
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“ion defived by Wagner (42). Substitution of Wag- 
ner’s equations (43) and (44) in equation (44) of the 
iper yields 


cNenw Di 1.128 | 
2t Ll — 0.1778Nane) 
vhere ), is the interdiffusion coefficient for the 
wirface concentration, i.e., Nz. = 0, and B = 
jinD/dNan, supposedly independent of Nz. Setting 


Veno) = Nancminy In equation (48) and combining 
with equations (44) and (46), 


2 (my 1 — 0.1778 N zncmin) 
l6zzn¢ \D, 1.128 , 


present 


(48) 


(49) 


Van mit 


Data used for the evaluation of equation (49) and 
results are presented in Table II. Values of 8 have 
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Fig. 12. Weight increase A m/A in g/cm? of Cu-Zn alloys 
lue to oxidation in oxygen after 5 hours according to Dunn 
4 - 


heen computed from values of D for Nz, = 0 and 
0.1. The values of Nzncminy calculated from equation 
19) are of the order of concentrations at which 
breaks of the oxidation rate have been observed, 
Fig. 12), but the limits of error are considerable. 
In the case of Cu-Al alloys, Froehlich (38) and 
Price and Thomas (39) have observed a considerable 
decrease of the oxidation rate due to the presence of 
\l. According to Price and Thomas, the scale con- 
tains both CusO and Al.O; when copper containing 5 
weight per cent Al (N 4; = 0.11) is oxidized at 800°C 
without pretreatment. A scale of pure Al,O;, how- 
‘ver, is formed when the alloy has been preheated in 
‘ H,0-H, atmosphere in which only Al.O; can nucle- 
ate. Under these conditions the weight increase of 
the sample has been found to be as low as 3 X 10° 
kem’ after 4 hours exposure to air at 800°C. Upon 
ubstituting this value in equation (45) and using 
D=3 x 10°” em?*/sec (41, 43), it follows from equa- 
ion (47) that Naiminy = 0.004. Actually, however, 
the seale contains copper oxides even for N,,; = 0.11 
inless initial nucleation of CusO is prevented by 
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preheating the sample in a H,O-H,. atmosphere. 
This illustrates that the value of Naimin), calculated 
from equation (45), yields only a necessary but not a 
sufficient condition for exclusive formation of the 
protective oxide of a less noble metal. 

Also in the case of Fe-Al (26), Fe-Cr (26), Fe-Si 
(26), Fe-Cr-Ni (44), Fe-Cr-Al (25), and Fe-Cr-Si 
(45) alloys, quasi-discontinuous decreases of the oxi- 
dation rate with increasing concentration of an al- 
loying element have been found. Likewise there is a 
breakdown of the oxidation rate of liquid lead if the 
concentration of zine or tin is above a certain critical 
concentration (46). Liquid cadmium with small con- 
tents of zinc shows a similar behavior (47). Further 
investigations are needed in order to clarify whether 
the critical concentrations correspond to values of 


TABLE II. Oxidation of Cu-Zn alloys 


Temp Ds 
-*) 


cm?sec"! B NZn(min) 


kpB 
g*cm~‘sec™ 
72! 0.35 & 107'° 0.8 x 10°' ‘ 0.14 
800 14 xX 10°* oe xTa™@= ‘ 0.15 
880 6.4 xX 10° 13 X 10°78 : 0.16 


Nagin) to be calculated from equation (47), or 
rather represent the upper limiting concentrations 
for initial nucleation of the oxide of the more noble 
metal. 
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Corrosion of Aluminum by CarbonTetrachloride 


MILTON STERN AND Herperr H. UHLiG 
sion Laboratory, Department of Metallurgy, Massachusetts Institute of Technology, Cambridge, Massa:hus: 


ABSTRACT 


When aluminum (99.99%) is exposed to boiling CCl,, an induction period exists before 
reaction occurs. This delay increases appreciably with dissolved H.O, CS2, or Oz in the 
CCl,, and decreases in presence of corrosion products. After the induction period, the 
corrosion rate is very high, approximating 40,000 mdd (20 ipy) in relatively dry CCl, 
and is double this in water-saturated solvent. Oxygen, Ne, and corrosion products have 
no practical effect on the rate, whereas HCI increases it by 35 per cent. 

The induction period for aluminum alloys is greater than for high purity aluminum by 
a factor as high as 30, and the long-time corrosion rates are usually lower than for pure 
“Higt aluminum. This fact, combined with negligible effects of galvanic coupling or of an ap- 
TIC! plied potential of 1.5 volts, suggests that direct chemical reaction occurs. It is confirmed , 

that the main reaction is: 
17M 2Al + 6CCl, — 2AlICl, + 3C.Cl, . 


dat 100 


INTRODUCTION cutting of aluminum reacted rapidly with the alumi- 
), 128, ‘ 


One of the earliest investigations of the reaction num chips. At room temperature, the chips became 
LRDER between aluminum and carbon tetrachloride was covered with a dark red material after the first few 
that by Hofmann and Sieler in 1905 (1), who found minutes of cutting, and the CCl, also assumed a red 
that amalgamated aluminum reacts with CCl, to color. As the temperature increased, because of 
produce a 65 per cent yield of hexachlorethane (C2- energy liberated by the reaction, the rate increased 
(‘ly). The same reaction product was reported by rapidly until all the aluminum was consumed. 
Jappi (2) in 1914. The latter found that although tecently, the Underwriters’ Laboratory (6) re- 
there was no reaction between aluminum and carbon ported that a bomb containing aluminum powder 
tetrachloride at room temperature for four months, and CCl, exploded violently on heating to 150°C. 
reaction proceeded in a sealed tube at about 110°C It is also reported (7) that a serious explosion causing 
o produce aluminum chloride, hexachlorethane, and loss of life and property occurred when it was at- 
ome higher chlorinated carbon compounds. Two tempted to disperse aluminum powder in CC\, in an 
vears later, Sastry (3) showed that a thin strip of experimental ball mill. 
iluminum reacted completely with boiling CCl, in 
ess than ten hours. He also reported that moisture 
increased the rate of attack. 
In 1925, Rhodes and Carty (4) studied the cor- 
rosion of commercial sheet aluminum in wet and dry 
CCl, at room temperature, and in the vapors of wet 
and dry CCl, at the boiling point. At room tempera- 
ture aluminum remained bright and unattacked for 
ix months; however, in presence of water the cor- 
rosion rate was 7.7 mdd. The effect of moisture in 
CCl vapor at the boiling point was exactly the 
jpposite. Whereas aluminum in dry vapor reacted ; ; Rig! 
, ’ is corrosive. Also, there are varied opinions regarding 
ompletely sometime during the 100 hour run, alumi- : 
um in the vapor of moist CCl, corroded st s lower color of the reaction products, which have been re- 
ate of 307 mdd. Analysis of the corrosion products ported as being white, gray, dark gray, black, and 
wibcated whbsdaitenr die Mier’ red, probably due to differences of aluminum com- 


From the above discussion, several factors con- 
cerning the corrosion of aluminum in CCl, seem to 
have been established. First, the ultimate reaction 
products are aluminum chloride and _ hexachlor- 
ethane. Also, dry CCl, has little effect on aluminum 
at room temperature, but causes some corrosion 
when moisture is present. It is a general conviction 
that hydrolysis of CCl, to hydrochloric acid is the 
cause of attack here (8-12). 

Conflicting opinions exist concerning the effect of 
moisture at the boiling point and whether dry CCl, 


position and water content, and to impurities in the 
2Al + 6CCL — 2AICl; + 3C2Cle. CCl. 

Shaw (5), during a fundamental study of metal This investigation deals with the quantita- 
utting, found that CCl, used as a lubricant for the tive effects of moisture, dissolved gases, and im- 
wurities in CCl, and effects of impurities and alloying 
; 5 = I ying 

Manuseript received August 16, 1951. This paper pre ‘ ‘ ’ a 
red for delivery before the Detroit Meeting, October 9 constituents in aluminum. In addition to the prac- 
0 12, 1951. ; tical value of such information, it serves as a basis 
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for better understanding the mechanism of reaction 
of aluminum with chlorinated organic solvents. 


EXPERIMENTAL PROCEDURE 


Analysis of CCl, for HeO.—Eastman high purity 
CC, (sulfur free, bp 76.1°-76.3°C, 0.006-0.01% H,O) 
was further purified and dried by distilling over a 
mixture of reagent, anhydrous calcium chloride, and 
calcium sulfate. Analysis by the Karl Fischer method 
(13) (accurate to 0.0001%) showed that for different 
distillations the water content of the CCl, was 0.0015 
+ 0.0005 per cent. To assure precise water analyses, 
an airtight titration cell was used through which a 
slow stream of dry nitrogen passed. The end point 
was detected potentiometrically with the aid of an 
electronic galvanometer, using platinum and tung- 
sten electrodes. 


TABLE L. 


Composition of aluminum alloys 


Analysis—per cent 








Cu Si Fe Mn Mg Cr 
99.99 0.0004 0.0019 0.0031) 0.001 | 0.0005 N.D.* 
99.4 0.01 0.08 0.48 0.004 0.0004) 0.002 
38-H14 0.16 0.25 ).63 .22 
528-H34 0.04 0.08 0.16 0.02 2.43 0.23 


Wire 0.01 





0.06 0.71 


* Not detected 


For analysis of CCl, saturated with water at the 
boiling point a special sampling procedure was neces- 
sary. A mixture of CCl, with excess water was re- 
fluxed for about one hour in a flask with a stopcock 
outlet near the bottom and below the level of the 
water phase. Samples were withdrawn from the flask 
into a weighing buret while the solution was still 
boiling. Upon cooling, an appreciable quantity of 
water separated out. After transferring the CCl, to 
the titration cell, the weighing buret was rinsed with 
methyl alcohol of known water content; this was 
added to the CCl, and the entire contents titrated. 

Checks were made to determine if refluxing during 
the test changes the water content of the liquid phase 
in contact with aluminum, since it is known that 
the vapor phase contains more water than the liquid 
phase. Analyses revealed no measurable diminution 
of water content. 

Preparation of metal specimens.—Aluminum was 
cut from '¢-ineh sheets into specimens 14 by 1'9 
inch (0.16 x 1.3 x 3.7 em). They were vapor de- 
greased in trichlorethylene, pickled in 5 per cent 
HNO,-0.5 per cent HF at approximately 85°C for 
15 to 30 seconds, rinsed in distilled water, immersed 
in cold concentrated nitric acid for 10 minutes, rinsed 
in distilled water, dried, and weighed. After the test, 
they were thoroughly rinsed in water, dried, and re- 
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weighed. Analyses of the aluminum stock eithe; 
high purity or commercial grade, are given in ‘able | 

Corrosion test apparatus.—The corrosion (est ap. 
paratus consisted of 500-m] red low-actini: Pyrey 
Erlenmeyer flasks fitted with standard tape: joints 
for attaching reflux condensers. On the top of eae) 
condenser was a drying tube containing “blue jy. 
dicating”’ silica gel. The condensers were wrapped jy 
aluminum foil, which together with the low-actipj, 
glass flasks helped eliminate light as a possible yayi. 
able during the tests. Two aluminum specimen, 


a 


ORYING TUBE 


i 





~- CONDENSER 










4 SP ids 
e Ch , 4 1 GAS 
coy y DISPERSION 
TUBE 
SPECIMEN 
HOLDER > . 
/ 
A 


500 ML FLASK 


Fig. 1. Corrosion testing apparatus 


were supported in each reaction flask by small cup- 
like glass specimen holders with holes on sides and 
bottom to permit freedom of solvent circulation (se: 
Fig. 1.). The flasks containing 250 ml of CC], and two 
aluminum specimens were heated to boiling on a large 
hotplate and maintained at boiling temperatur 
throughout the tests. 

When the CCl, was to be gas saturated, a gas dis 
persion adapter was introduced between the flask 
and the condenser. The fritted end of the adapter 
through which the gas flowed extended to within 
14 in. of the bottom of the flask. Oxygen, when used, 


was dried with CaSO, and P.O;. Hydrogen chloride 
was dried by bubbling through concentrated H.50,. 


Nitrogen was freed of oxygen over hot copper 4! 


approximately 450°C (850°F) and was dried by pass 
ing through a liquid-air trap. The gas flow rate 
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CORROSION OF ALUMINUM BY CCI, 


wh reaction flask was maintained at ap- 
proximat:ly 60 ml per minute. 

Reproducibility of rates.—Since attack of alumi- 
jum by UC starts at several distinct points on the 
specime!) where defects in the protective oxide layer 
probably exist, reproducibility of data for repeated 
single tests reflects a variable probability of attack. 
\ series of tests Was necessary, in general, to estab- 
ish a trend. Each point reported (except where 
otherwise indicated) is an average of the two speci- 
mens contained in each flask. 

For weight loss-time curves in CCl, of known 
identical water content the corrosion rate was estab- 
lished to within +1000 mdd. Where results were ob- 
tained in different batches of distilled CCl, with 
sctual water content undetermined (H,O content = 
).0015% + 9.0005% in different batches) an addi- 
tional fluetuation of about +400 mdd exists. Impor- 
‘ant is the fact established by our data that an in- 
duction period exists during which no perceptible 
attack of aluminum occurs, and which depends ap- 
preciably on the variables of metal or solvent. This 
induction period was established experimentally to 
vithin about +5 minutes for CCl, of known water 
ontent and to within +15 minutes for distilled 
(Cl with the range of water content quoted above. 
lherefore, in the extreme, the total average error is 
about +1400 mdd in 40,000 mdd (316%) and +15 
minutes in about 70 minutes (20%). 

The fluctuations in corrosion rates are larger for 
the “as received’? CCl, due to the larger variations 
| water content. Consequently, “as received” CCl, 
as generally used to determine only relative effects. 


RESULTS 
Effect of Water in CCl, 


A typical plot for the effect of time of exposure in 
voiling CCl on the weight loss of 99.99 per cent 
aluminum is shown in Fig. 2. The slope of this curve 
lelines the corrosion rate, while time lapse before 
appreciable corrosion occurs is the induction period. 
\fter corrosion starts, weight loss is a linear function 
if time, or the corrosion rate is constant. 

Fig. 3 and 4 summarize the effect of water on the 
orrosion rate and induction time for 99.99 per cent 
duminum in boiling CCl. Both the induction period 
ud the corrosion rate increase in a linear manner 
‘ith increasing water content. Whereas the corro- 
‘on rate is doubled in going from dry to water- 
saturated CCl,, the induction period increases nine- 
wld. The primary effect of water, therefore, is not 
\ the corrosion rate but in delaying the start of 
iitack. The extremely high rates of attack are sig- 
iieant, and also the fact that with no water present 
‘he corrosion rate is still high. 


Effect of Dissolved Gases 


The effects of oxygen, nitrogen, and HCl bubbled 
through boiling, distilled CCl, on the corrosion rate 
of 99.99 per cent aluminum are presented in Fig. 5. 
It was found that oxygen increases the induction 
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Fic. 2. Weight loss as a function of time for 99.99% 
aluminum in boiling, distilled CCl, containing 0.0011% 
HO. 
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Fic. 3. Effect of water on the corrosion rate of 99.99% 
aluminum in boiling CCl. 


period by a factor of almost 2, while nitrogen and 
HCl have little apparent effect. A qualitative test 
indicated that air increases the induction period al- 
most as much as oxygen. Both nitrogen and oxygen, 
on the other hand, have no appreciable effect on the 
corrosion rate within experimental reproducibility 
of the data. HCl, however, increased the normal 
corrosion rate by 35 per cent (54,000 mdd vs. 40,000 
mdd). 











Effect of Aluminum Composition 


In order to determine the effect of aluminum com- 
position on corrosion in CCl, data for weight loss 
as a function of time were obtained for 99.4 per cent 
aluminum, 38 aluminum (1.2 per cent Mn), and 
528 aluminum (2.4 per cent Mg), in boiling, distilled 
CCl, (Fig. 6 and 7). 
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Fia. 4. Effect of water on the induction period for 99.99% 
aluminum in boiling CCl. 
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Fic. 5. Effeet of dissolved gases on the corrosion rate of 
99.99% aluminum in boiling, distilled CCl,. 


For the 99.4 per cent alloy, it was found that the 
induction period was 210 minutes compared to 90 
minutes for 99.99 per cent aluminum under the same 
conditions. However, the rate (66,000 
madd) for the 99.4 per cent alloy was 75 per cent 
greater than the rate (38,000 mdd) for the higher 
purity aluminum. 

The 38 behaved differently. 
started in a manner similar to the 99.4 per cent 


corrosion 


alloy Corrosion 


alloy. There was an induction period of 150 minutes 
and then corrosion at a rate of 66,000 mdd. How- 
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ever, when each specimen had lost about 48 meg en! 
: 
the rate dropped sharply to a very low value. 


in comparison with the other alloys tested. The ih. 
duction period was 30 hours (Fig. 7) and COFTOSI0) 
then proceeded at an initial rate of about 1200 madd 
This rate, however, decreased steadily with time 
until at 160 hours, the rate was about 350 mdd. 
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The 528 alloy proved extremely resistant 0 atta 
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Fig. 6. Weight loss as a function of time for 38-H14 and 


AY aluminum in boiling, distilled CCl,. 
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Fic. 7. Weight loss as a function of time for 528-H} 





Effect of Carbon Disulfide 


Since CCl, can be produced by either the chlorina- 


tion of hydrocarbons or the chlorination of carbo! 
disulfide, it was desirable to determine the effect 0! 
small amounts of CS., often found as an impurity 
in CCl produced by the latter process. Accord: 
ingly, various weighed quantities of pure Cd: (UP 
to 0.06%) were added to sulfur-free “as received’ 
CCl, and used in a five-hour corrosion test with 
99.99 per cent aluminum. 


The over-all corrosion rates are given in Fig. 5 


and were obtained under conditions for which the 
induction period was not determined specifically bu' 


is included as part of the exposure time. The over-«l! 
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-oprosio! rate as used here and later is always ex- 
pressed a8 Mg cm?/total time of corrosion test rather 
than mad. 

The lirst additions of CS, reduced the weight loss; 
with further additions the weight loss was about the 
ame as for CS»-free CCl; at still higher concentra- 
‘ions the weight loss decreased again. It is apparent 
that CS» is not detrimental and in certain concentra- 
‘ions tends to act as an inhibitor. Pit depth measure- 
ments of corroded specimens indicated that effect of 
(‘8 is to prolong the induction period since the depth 
of attack at corroded areas is approximately the 
same whether CS, is present or not. 
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Fig. 8. Effect of carbon disulfide on the over-all corrosion 
rate of 99.99% aluminum in boiling. ‘‘as received’? CC],. 


Galvanic Couples 


Bimetal couples were made of high-purity alu- 
minum specimens and specimens of Mg, Cu, Fe, and 
Zn all measuring 10 cm? total area. The specimens 
were fastened together with Bakelite nuts and bolts. 
No effect of coupling was detected in boiling ‘‘as 
received” CCl in 6-hour tests within the experi- 
mental error of weight loss determinations (Table 
II). Perhaps this result is not unexpected in view of 
the low conductivity of CCl. 


Effect of Applied Potential 


A true electrochemical reaction depends on the 
presence of at least two electrodes and an electro- 
lyte. Carbon tetrachloride is a poor conductor but, 
despite this, might conceivably act as an electrolyte 
in the attack of aluminum if anodes and cathodes, 
on the average, are separated but a short distance. 
llowever, the reaction did not prove to be electro- 
hemical in the usual sense, as was proved by the 
salvanic couple experiments above and by applying 
i d-e potential to aluminum wires as electrodes in 
joiling CCl. It was necessary to apply 1000 volts 
lirect current to obtain a current density of only a 
lew wamp/em? and even this low current could be 


btained only after some corrosion products had 
formed in the solution. Fig. 9 summarizes the effect 
ol applied potential on weight loss as a function of 


WEIGHT LOSS (MG/SQ CM) 
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time for 28 aluminum wires (0.16 x 5.0 cm) placed 


1 em apart in boiling CCl, At a potential of 1000 


volts, the anode began to corrode about one hour 
before attack occurred on the cathode. This was evi- 
dent from weight loss determinations and also by 


visual observation of corrosion products on the 


anode. At the time corrosion occurred, electric cur- 


rent through the cell also increased, although the 
value always remained small, indicative of an elec- 
trolyte of extremely high resistivity. 


TABLE II. Effect of coupling on the corrosion of 99.99% 


aluminum in boiling ‘‘as received’? CCl, for six hours 


Weight loss of Al 
(mg/cm?) 


Weight change of other metal 


Couple (mg/cm?) 


Al-Al 14.6 - 

Al-Mg 13.0 +0.60 + 0.02 
Al-Cu 14.¢ —0.04 + 0.02 
Al-Fe a —0.06 + 0.02 
Al-Zn —0.34 + 0.02 
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Fic. 9. Effect of applying a d-c potential on the weight 
loss of commercial aluminum wires in boiling, ‘‘as received”’ 
CC],. 


When 1.5 volts were applied (the magnitude of 
potential common to electrochemical corrosion reac- 
tions) no consistent difference between anode and 
cathode weight loss was found. The over-all corro- 
sion rates correspond closely to the corrosion rate of 
the previous cathode connected to a 1000 volt d-c 
source (Fig. 9). High potentials probably succeed in 
prematurely breaking down the protective coating 
on an aluminum anode thereby initiating the corro- 
sion reaction, but this is not the case for lower po- 
tentials. 








Effect of Corrosion Products 


Specimens removed after appreciable corrosion 
were covered with a thick layer of porous black 
product. If a specimen so covered was exposed to air, 
the deposit became gray and finally almost white. 
If, instead, it was plunged into water, a vigorous 
occurred and white fumes were 
evolved. The black color disappeared, the water be- 
came turbid, and small quantities of an oily, brown 
liquid appeared. 


reaction dense 


CCl, containing corrosion products was centri- 
fuged, and the CCl, (colored slightly vellow) de- 
canted and evaporated to dryness. The residue, after 
recrystallizing three times from ethyl alcohol was 
white, melted sharply at 187°C, and the carbon and 
chlorine content were found to be 9.86 and 90.10 
per cent, respectively. The compound was identified 


AREA OF ALUMINUM IN 250 ML OF CCl, 
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Fig. 10. Effect of the ratios of solution volume to speci- 
men area on the corrosion of 99.99% aluminum in boiling, 
distilled CCl,. 


as hexachlorethane whose reported value of the melt- 
ing point is 186°-187°C (14), and whose theoretical 
carbon and chlorine contents are 10.13 and 89.87 
per cent, respectively. 

The black precipitate separated from the CCl by 
centrifuging, was washed in pure CCl, centrifuged 
again, and dried in a vacuum desiccator. This prod- 
uct was allowed to react with water, and the organic 
material resulting from the decomposition extracted 
with CCl, then evaporated to dryness on a hot- 
water bath, leaving a brown viscous tar weighing 
approximately 17 per cent of the original black com- 
pound. The carbon content of the original black 
precipitate was found to be only 1.13 per cent. 
Therefore, the precipitate appears to consist largely 
of aluminum chloride with small quantities of higher 
organic chlorinated compounds. The precise nature 
of the black product is still being investigated. 

To determine the effect of corrosion products on 
the reaction between aluminum and CCl, a series 
of tests was conducted in which the corrosion rate 
was measured for various ratios of solvent volume 
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to specimen area. It was found that no change j 
the rate occurred even though the ratio w is varia) 
fivefold (Fig. 10). 

In these tests, however, corrosion prodiicts wor 
present only after the induction period. Therefo,, 
to find out whether the induction period is jnfy, 
enced by corrosion products, a test was made jy 
which fresh specimens were placed in a solution qj. 
ready containing corrosion products from a preyioys 
test. The results showed that the weight loss during 
four hours increased from 34 mg/cm* for specimey; 
in pure CCl, to about 74 mg/cm? for specimens jy 
used CCl, (Table III). Since the above experiments 
employing differing ratios of area to volume, prove 
that corrosion rates are approximately the same iy 
varying concentrations of corrosion products, the 
effect of the products is to decrease the induction 
time. It is interesting to note that HCl is not the 








































































TABLE IIL. Effect of corrosion products on the weight loss 
of 99.99% aluminum in boiling ‘‘as received’? CC\, fo, 
four hours, mg/cm? 


Run 2 
Run | . : so 
Solution—boiling, Solution = Tr al 
“as received”? CCl, rosion products 
from Run | 
Test | 33.5 67.5 
Test 2 34.2 81.5 











responsible product because data presented earlier 
showed it to have no effect on the induction period 














Discussion OF RESULTS 








Fig. 11 reveals the way in which attack occurs 
Corrosion does not start uniformly over the entire 
surface of the aluminum, but rather at a few sma!! 
points. Once started, reaction spreads radially unt! 
corroding areas meet. It is logical that corrosion 
starts at points on the aluminum specimens where 
the surface film is least protective or where defects 
exist in the coating. These defects occur possibly 
because a continuous, uniform covering cann0! 
easily exist at scratches or sharp edges of the spec! 
men or at inclusions. 






























Aluminum free of surface oxide rapidly reacts wit! 





CCl. This was shown by the following simple x- 






periment. Two square inches of aluminum foil wer 





wrinkled into a loose ball and introduced into a 5) 






ml beaker of boiling CCl, without noticeable effect 





A similar piece of foil was cut into small pieces with 





a scissors underneath the boiling CCly. In about |» 





seconds, a reddish brown precipitate was visi 
along the freshly cut edges. The CCl, turned from 4 
light reddish brown to a dark brown, and finally the 
liquid became black with dense white fumes pouri¢ 
from the top. 
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The; ason water increases the induction time may 
be due |o its tendency to repair damaged portions 
of the oxide film. The increase in reaction rate be- 
cause o! Water content may be caused partially by 
hydroclilorie acid formation from hydrolysis of CCl, 
or from aluminum chloride decomposition. Calcula- 
tion shows, however, that the increase in rate due to 
the presence of water exceeds the equivalent corro- 
sion which might be realized from complete reaction 


Fic. 11. Appearance of aluminum specimens after vari 
us lengths of immersion in boiling CCl, (time of immersion 
nereases from Specimen 1 to 12). 


t water to hydrochloric acid followed by reaction 
f the hydrochloric acid with aluminum, 


CCl, + 2H.0 
t/3Al + 4HCl 


>» 4HC] + CO, 
+ 4/3AlCl; + 2H. 


Since 250 ml CCl, contains 0.13 gram H.O when 
‘aturated at the boiling point, this amount can react 


vith 0.13 gram Al, equivalent to 6.5 mg Al/cm? for 


Wo test specimens. However, Fig. 3 shows that add- 


CORROSION OF ALUMINUM BY CCl 387 


ing water up to the saturation level increases the 
corrosion rate 41,000 mdd, which in 200 minutes of 
reaction corresponds to 57 mg Al/cem?. This is about 
nine times the amount equivalent to 0.13 gram HO 
according to the above reactions. Also, the effect of 
water on the corrosion rate remains constant with 
time. It appears probable that the reaction is in- 
creased catalytically either by H,O itself or by a 
hydrated or hydrolyzed corrosion product. 

Oxygen probably increases the induction period by 
preventing the breakdown or by repairing portions 
of the protective film. The fact that oxygen does not 
affect the reaction rate, once the surface film is 
penetrated, limits its effect to surface films alone. 
Nitrogen, by reason of its less active chemical prop- 
erties, would be expected to have little effect on 
either the corrosion rate or the induction period, 
as is observed. 

The data obtained on the effect of alloying ele- 
ments in aluminum reveal that the higher the purity 
of the aluminum, the more susceptible it is to initia- 
tion of attack by carbon tetrachloride. This behavior 
is opposite to that of aluminum in aqueous media. 
In boiling carbon tetrachloride, many metals appear 
to be much more resistant to attack than aluminum. 
One effect of alloying elements, therefore, may be to 
concentrate a film of the metals, or metal compounds 
including those of aluminum, on the surface thereby 
acting as a partially protective surface film. This 
may account for the appreciable increase of induc- 
tion period for the 52S alloy as well as the gradual 
decrease of corrosion rate after an initial corrosion 
reaction begins. The effect of alloying elements is 
receiving further study because of its probable close 
association with the underlying mechanism of at- 
tack. 

The influence of carbon disulfide on the reaction 
appears to result from action on the protective film, 
since its inhibiting effect is reflected largely by an 
increased induction period. It may actually adsorb 
on the metal surface as do adsorption inhibitors in 
aqueous media. 


CONCLUSIONS 
1. It has been confirmed that the major reaction 


of aluminum with carbon tetrachloride is the fol- 
lowing: 


6CC], + 2Al ote 2AICI, + 3¢ Clg. 


About 17 per cent of the insoluble corrosion product 
(mostly AICl;) consists of a tarry residue containing 
higher chlorinated hydrocarbons and probably alu- 
minum complexes. 

2. An induction period exists when aluminum is 
brought into contact with boiling CCl, which in- 
creases with water and oxygen content of the CCl, 
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and decreases when corrosion products are present. 
Small additions of carbon disulfide, in general, 
lengthen the induction period. Nitrogen and HCl 
have no effect. 

3. After the induction period, the corrosion rate 
of pure aluminum in boiling, dry CCl, is very high 
(approximately 40,000 mdd or 20 ipy). O. and N» 
do not affeet the rate; HCI increases it 35 per cent. 
The rate in water-saturated CCl, is twice that in 
the dry solvent. The practical effect of water satura- 
tion, however, is a ninefold increase in induction 
time (55 minutes increased to 495 minutes). 

1. The induction period is related to the relative 
uniformity and freedom from imperfections of a pro- 
tective film on aluminum. The reaction starts at a 
few small points and spreads radially, finally en- 
compassing the entire specimen. 

5. In general, the higher the aluminum purity, 
the shorter the induction time. The induction periods 
for 99.99 per cent, 99.4 per cent, 38, and 52S alu- 
minum in boiling, distilled carbon tetrachloride are 
70, 210, 150 minutes and 30 hours, respectively. 
The corrosion rates for 528 aluminum decrease grad- 
ually, and for 38 sharply, with time, whereas the 
rates for pure aluminum are constant. 

6. Galvanic couple tests, applied potential tests, 
and the variable effects of aluminum impurities on 
the induction period and corrosion rate suggest that 
the reaction is not electrochemical but rather a typi- 
cal direct chemical reaction. 
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. Effeet of Oxide Films on the Reaction of Aluminum 
wii Carbon Tetrachloride' 


L£rate. 


MILTON STERN AND Herpert H. Un ic 
Corrosion Laboratory, Department of Metallurgy, Massachusetts Institute of Technology, Cambridge, Massachusetts 


ABSTRACT 


A previous paper showed that the induction period for reaction of aluminum with car- 

bon tetrachloride, amounting to one or more hours, was associated with the protective 

(1903 film on aluminum. Attempts to improve the protective film by anodizing resulted in some 
(1914 extension of the induction period, but not to a practical extent. This was true whether 
anodized coatings were produced in ammonium tartrate or sulfuric acid electrolytes 

(1916 with oxide thicknesses up to several thousand A. Commercially produced anodized coat- 


m.11 ings, after a time, also broke down at a few spots from which rapid corrosion progressed 
radially. 


(1948 Some improvement in the protection of aluminum could be obtained by heating at 
235°C for several hours, but the maximum effect only doubled the induction period. The 
natural film forming on evaporated aluminum was more protective over long periods of 
exposure than either the anodized or heated films, but these, too, could be damaged by 
scratching either during or before exposure to boiling carbon tetrachloride. 

The superior resistance of some aluminum alloys to boiling carbon tetrachloride is 
probably not related to an oxide coating but rather to a protective film of another kind. 


INTRODUCTION tartrate solution of pH 5.5 in accord with a method 
developed by G. Hass (2). Specimens measured 114 x 
lg x l4¢@ in. (3.7 x 1.3 x 0.16 em) and the cathode 
material was aluminum. Fixed voltages were applied 
to the cell, the magnitude of which determined the 
ultimate oxide thickness. Time of electrolysis was 
about 2 min, although this was not critical because 
the current density fell rapidly to 1 ma/cm? or less. 

Specimens were tested as described in the pre- 
vious paper. In brief, the specimens previously pick- 
led, washed, and anodized as described above, were 
weighed, then totally immersed in boiling CCl, for 
a definite time. After the test, they were washed and 
reweighed. 


In a previous paper (1), it was reported that alu- 
ninum and some of its alloys in contact with boiling 
(Cl are not attacked for a definite reproducible 
time (55 min to 30 hours), the duration of which is 
alled the induction period. This is followed by rapid 
attack spreading radially from points on the surface, 
nore nuclei forming as the reaction proceeds, until 
ll the surface is encompassed. 

Evidence points to the protective film on alumi- 
uum as the source of the induction period. For ex- 
ample, water and oxygen in CCl, increase the length 
f the induction period (as much as ninefold in the 
ase Of water) whereas corrosion products decrease 
the time before attack begins. Cutting of aluminum 
oil below the surface of boiling carbon tetrachloride, 
n the other hand, is accompanied by almost in- 
‘tantaneous corrosion of the cut edges. 


The CC\, for relative tests was the “as received,” 
Eastman high-purity product. For tests comparative 
with other runs, the CCk was carefully distilled. 
The water content of the distilled product was less 
than the as-received solvent and ranged from 0.0010 


These facts suggest that any process for increasin : . . 
? BB ; yi B to 0.0020 per cent. Corrosion rates after the induc- 


the thickness of oxide films on aluminum ought to 
mprove resistance of the metal to attack by pro- 
onging the induction period. Increased thickness of 


tion period are expressed as milligrams per square 
decimeter per day (mdd) but, if the induction time 
’ ager ; : was not specifically determined, the rate is called 
he oxide film can be accomplished by either ano- io » way 
: the ‘‘over-all corrosion rate’ expressed as milligrams 
izing or by heating the metal at elevated tem- é' 
; per square centimeter per test period. 
peratures, me . . 
Fig. 1 shows the effect of anodized coatings on the 
ilaialn | dade: A neiliaiaines over-all corrosion rate (both sealed and unsealed) 
4 4 ake fake J . § . » o - ‘ 
for coatings of normal oxide thickness increasing to 
. € ° ‘ca . ”* . 
those thicker by 1430 A. “Sealing” of the anodized 
film, which presumably makes the aluminum oxide 


Anodized films of various thicknesses were produced 
i 99.99 per cent aluminum in 3 per cent ammonium 


; ; ; iain coating less pervious, was done by immersion in 
Manuseript received August 16, 1951. This paper pre- & as a I i’ eet ‘ 
wed for delivery before the Detroit Meeting, October 9 to boiling distilled water for 5 min. 


2 195! Fig. 2 summarizes weight loss data, as a function 
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of time, for a series of specimens each anodized to a 
film thickness of 650 A but not sealed, and includes 
parallel data for unanodized specimens. The data 
show that films anodized by the above method are 
not very effective in protecting against boiling CCl. 
The induction period and the corrosion rate are 95 
minutes and 37,400 mdd, respectively, while for 
specimens not anodized the corresponding values are 
70 min and 37,500 mdd. Sealing the anodized films 
in boiling water did not improve matters. 

130 = »: 


“B SEALED IN BOILING WATER 
O NOT SEALED 


~~ 


CM /BHR 





mG/SO 





WOO, ~”~»5660000=«=~”~C0—~SC—C‘“C;C:‘CW 7400 
ANODIZED FILM THICKNESS (A) 


Fic. 1. Effect of oxide film thickness on the over-all cor 
rosion rate of 99.99% aluminum (anodized at various volt 
ages In ammonium tartrate) in boiling, distilled CCl. 
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Fic. 2. Corrosion of 99.99% aluminum specimens in boil 
ing, distilled CCl, anodized in ammonium tartrate to a film 
thickness of 650 A. 


Sulfuric acid anodized specimens (sealed in boiling 
water) were somewhat more effective, but not to a 
practical extent. Table | shows that anodizing de- 
creases the over-all corrosion rate by 45 per cent. 
Since the average corrosion rate for 99.99 per cent 
Al in “as-received”? CCl, containing 0.006 per cent 
0.01 per cent H,O was found previously to be about 
15,000 mdd, this corresponds to a calculated maxi- 
mum induction period after anodizing of 320 min, 
compared with about 160 min for unanodized speci- 
mens. It is important to notice that the anodized 
film breaks down locally in many places (see Fig. 3). 
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Hence, portions of the specimens are protect: <, wh 
other portions are subject to attack quite as seve, 
as attack on specimens without an anodized film 

To determine how commercial anodizing proce. 
dures compare with the two laboratory methoc 
mentioned above, ‘‘Alumilite” anodized specimey: 
were obtained through the courtesy of the Alymj- 
num Company of America. Three Alumilite finishes 
on 99.99 per cent aluminum were tested, the finishes 
being designated by numbers 200, 202, and 204 with 
estimated film thicknesses of 0.00015 in., 0.0008 in. 


TABLE I. Effect of sealed anodized films produced in sulfuric 
acid on the corrosion of 99.99% aluminum in boiling, “as 
received”? CCl, 


H.SO, concentration—15% 
Time of anodizing 20 minutes 
Current density 


Voltage 


12 amp/ft® (13 ma/em?*) 

15 volts 

Klectrical contact point changed during anodizing to ip 

crease uniformity of oxide coating 

Sealed in boiling water for 5 minutes 

Approximate film thickness 70,000 A or 0.0003 in. 

Over-all corrosion rate | Over-all corrosion rate 

of anodized specimens | of specimens, not an 
in boiling, ‘‘as re odized, in boiling, “as 


ceived’ CCls received” CC 
mg/cm?/8 hr) (mg/cm?/8 hr) 


Run 1 50.0 90.1 
Run 2 49.8 88.8 


Fia. 3. Effect of sealed anodized films produced in su! 
furic acid on the appearance of 99.99% aluminum after § 
hours in boiling CCl,. 1—Not anodized, 2—anodized 
H.SO,, 3—before attack. 


and 0.00045 in., respectively. It was found that these 
finishes provided much better protection in com- 
parison with the above anodized films, but where 4 
defect in the film occurred, either originally ©! 
through mechanical action of the boiling CCl,, co! 
rosion proceeded in the usual rapid manner. 

Fig. 4 shows the appearance of these specimets 
The numbers below each group correspond to hours 
of immersion in boiling, distilled carbon tetrachlo 
ride. The important things to notice are: 

The severe localized attack at one or more areas 
The difference in attack of duplicate specimens 
The circular nature of the attacked regions. 
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; The comparison with uniformly corroded not 
anodizet specimens. 

5. The portions of anodized oxide film visible at 
the corroded edges. 

Pronounced radial progression of attack indicates 
that corrosion starts at a point and proceeds uni- 
jormly in all directions. The oxide appears to be 


Fig. 4. Appearance of alumilite anodized specimens 
iter various times of exposure (hours) to boiling carbon 
etrachloride. 


indercut beginning at points or areas where the at- 


lack initiates and suggests that large sections of 


nodized films can be isolated in this matter for later 
xamination without the drastic alteration that may 
ecur with the more active chemical media usually 
sed for isolating oxide films of this kind. 


LFFECYT OF OxipE Fitms Propucep at ELEVATED 


‘TEMPERATURES 


The effect of films formed on 99.99 per cent alu- 


tinum exposed to elevated temperatures was deter- 
mined by placing the specimens in an oven at 235° + 


o. 10 OXIDE FILMS ON REACTION OF Al WITH CCl, 391 


5°C for various lengths of time. The oxide thick- 
nesses produced by heating specimens in this way 
are not known precisely but are probably not thicker 
than a few hundred A (2) and, hence, are much thin- 
ner than anodized films. Fig. 5 shows weight losses 
after 6 hours in boiling, ‘‘as-received’”’ CCI‘ as a func- 
tion of time specimens were previously heated at the 
elevated temperatures. The protection afforded by 
heat treatment was definite, although again not 
large. Heating for 12 hours at 235°C reduced the 
over-all corrosion rate by 40 per cent for a 6-hour 
test in boiling CCl. This corresponds to a calculated 
induction period (assuming average corrosion rate 
of 45,000 mdd) of 235 min compared with 160 min 
for specimens not heated. 


MG/SQ CM /6HR 











OVERALL CORROSION RATE 


200 300 400 
TIME OF HEATING AT 235°C (MINUTES) 


Fia. 5. Effect of oxide film thickness produced by heating 
in air at 235°C on the over-all corrosion rate of 99.99% 
aluminum in boiling, ‘‘as received’’ CCl. 


TABLE II. Effect of heating 99.99% aluminum at 235°C for 
16.7 hours on the over-all corrosion rate in boiling, ‘‘as 
received”? CCl, 

(mg/em?/6 hr) 

Specimens Specimens 


heated and pickled 
pickled not heated 


Specimens 
heated 


Run 1 52.4 om 73.6 
Run 2 59.3 . hy 69.8 


Table II shows that the protective effect is not 
caused by annealing or structural changes in the 
metal due to heat treatment. Weight losses of heated 
specimens subsequently pickled in hot nitric-hydro- 
fluoric acid to remove oxide (column 3) correspond 
to weight losses of pickled specimens not previously 
heated (column 4); therefore, the lower rate values 
in column 2 are due to the oxide formed on heating. 


CORROSION OF EVAPORATED ALUMINUM FILMS 


In order to further investigate the effect of oxide 
films, it was considered worthwhile examining speci- 
mens with protective films, more uniform in thick- 
ness, on an aluminum substrate containing a mini- 
mum of defects and irregularities. This was 
accomplished by vacuum evaporating high purity 
aluminum at 10-* mm Hg on to glass disks 1 in. in 
diameter. Films produced by W. W. Harvey, of this 
laboratory, in a bell jar vacuum evaporation system 
were approximately *4 in. (1.9 em) in diameter and 
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sufficiently thick so as to be opaque to transmitted 
light. After evaporation, 2 specimens were placed in 
cold, distilled deaerated CCl,. In this transfer, one 
specimen was exposed to air for 15 seconds and the 
other specimen for 45 seconds. The two specimens, 
supported in glass specimen holders, together with 
CCl contained in a 1 liter wide-mouthed Erlen- 
meyer flask fitted with a fingertip condenser, were 
then placed immediately on a hot plate. The films 
were examined at the end of the test for visible signs 
of attack. 

Aluminum films produced in this manner proved 
to be remarkably resistant despite a reported film 
thickness of less than 10 A (2). At the end of 72 
hours, the specimen exposed to air for 15 seconds 
was still bright, but had two pinholes near the center 
of the film. The other specimen showed no sign of 
attack whatsoever. Aluminum specimens of wrought 
sheet under similar conditions dissolve completely 
in about 15 hours. It is important to note that the 
evaporated film had no sharp edges and had not 
been touched before immersion. 

To determine whether the resistance of such films 
is caused by the higher purity of evaporated metal, 
by the peculiar properties of thin metal films in gen- 
eral, or by the thin uniform oxide film, two addi- 
tional experiments were performed. Two films, pre- 
pared by evaporation as above, were scratched with 
a glass probe after 24-hour immersion in boiling 
CCl. Corrosion thereupon occurred along the 
scratchés and consumed the specimens in about 5 
hours. Two additional films were scratched in air, 
stored in a desiccator overnight, and immersed in 
boiling CCl. Attack again started along the 
scratches, consuming the specimen in about 8 hours. 

The results indicate that the resistance of evapo- 
rated films apparently resides in the extreme uni- 
formity of both the metal surface and of the corre- 
sponding protective film which overlies it. 


DISCUSSION 
It can be concluded that the oxide film on alu- 
minum is not practically effective in protecting 
against attack by CCl, for long periods of exposure. 
Anodized coatings fail on the average at one or two 
weak spots whereupon the attack of base metal is 
extremely rapid (about 45,000 mdd or 24 ipy for 
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99.99% Al). A very uniform oxide film, uch q, 
forms on an evaporated aluminum substiate, , 
much more protective than a thicker oxide coatino 
formed by anodizing wrought aluminum sheet. Even 
this oxide, however, is subject to penetration after , 
time, particularly if it is mechanically damaged dy. 
ing or before exposure to CCl. 

Oxide films on aluminum heated in air at 235°¢ 
are correspondingly more protective for a give) 
thickness than anodized coatings. Presumably heat. 
ing improves impermeability of the film, possibly by 
loss of water or by shrinking the oxide making ’ 
less porous. 

It appears from the present results that the naty. 
ral protective film, which affords some useful and 
practical delay in attack of aluminum by boiling 
carbon tetrachloride, is not improved in any major 
sense by anodizing or heating at 235°C. The effec. 
tive thickness of coating need not be more than , 
few A thick as shown by the superior resistance 
evaporated aluminum films exposed to air less tha 
a minute. 

From a practical standpoint an effective means 
for protecting aluminum, as shown previously (1), 
can be obtained through the use of alloying elements 
which serve to increase the induction period as much 
as thirtyfold; and, in one case at least (38), the cor- 
rosion rate, after the induction period is exceeded 
continues for a short time only and thereafter de- 
creases to zero. Alloying elements, therefore, form 
a protective surface layer on exposure of aluminum 
to CCl which is not necessarily related to the nor- 
mal oxide film, and which is considerably more pro- 
tective. 
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on ABSTRACT 

eat- 

y by Previous workers identified an oxide CuO’ in addition to CuO and CuO during the 

¢ it oxidation of copper. Studies on pure copper, electrodeposited copper, and evaporated 
copper show that the extra reflections characteristic of CuO’ may be interpreted as due 
to an oxide of lead or zinc. These impurities, although present in trace amounts, concen- 


trate in the surface layer during oxidation or are picked up from the surrounding at- 
and mosphere. 


atu- 


ling Cu.0 is found to be the essential oxide in the surface layer for oxidations in the tem- 
ajor perature range of 200° to 400°C, with CuO forming during longer oxidation times at 400° 
a and 500°C. In high vacua the CuO disappears by the solid phase reaction of copper to 
ee- form Cu,0. These observations show that at temperatures of 200° to 500°C the cuprous 


Mn a ion diffuses through the Cu,O structure. 


e ol Finch and Quarrell, in a study of the oxides formed on molten zine and evaporated 

har zine films, propose an oxide pseudomorphic with zine in that its cell is distorted slightly 
to match that of the underlying metal. This pseudomorphic oxide changes to the normal 
form at higher temperatures. The present oxidation studies using super-pure zine rods 
and evaporated zine specimens give electron diffraction patterns of zinc and normal ZnO 
but no evidence for the pseudomorphic oxide. 


INTRODUCTION the electron diffraction camera, Gulbransen and 
Hickman (1) studied the oxides formed on copper in 
the temperature range of 100° to 500°C and for 
various times of oxidation. CuO was the only oxide 
observed. 


In a series of papers from this. laboratory (1-6) 

the erystal structures of the oxide films formed on a 

“_ number of metals and binary alloys were studied. 
\lthough such studies are of immediate practical 
value the main object is to understand the kinetic 
and thermodynamic factors which determine the 
composition and crystal structure of the film and 
the epitaxie with the metal. In detail, the purpose 
of this work is to study (a) the crystal structures of 
= the oxide films on pure copper and -pure zinc, (b) 
hip the proposed intermediate oxide CuO’, (c) the pro- 
™~ posed pseudomorphic oxide of zinc, and (d) the 
mechanism of the low temperature oxidation of 


—_ Cruzan and Miley (13), using an electrolytic re- 


duction method, verified the electron diffraction re- 
sults. At 240°C, all of the films less than 400 A thick 
consisted entirely of CusO, some of the filnis between 
400 and 800 A contained CuO, while all of the films 
above 800 A contained CuO. The CuO thickness at 
240°C never exceeded 150 A. 

In contrast to the above results, Valensi (14, 15) 
showed theoretically that the oxide composition on 


hor- 


Dro- 


copper. 

The crystal structures of the oxide films formed on 
copper have been studied by Thomson and Fraser 
(7), Murison (8), Miyake (9), and Dunholter and 
Kersten (10) using the electron diffraction method. 
They obtained patterns of CusO, CuO, and a new 
oxide CuO’, characterized by three intense reflec- 
tions. Bound and Richards (11) and Preston and 
Bireumshaw (12) studied the oxidation of copper 
below 200°C and found that CusO was the only 
oxide formed. 

Using a high temperature furnace attachment to 

‘Manuscript received October 25, 1951. This paper pre- 
pared for delivery before the Detroit Meeting, October 9 to 
12, 1951. The authors have kindly consented to a delay in 


publication so that this paper may be published in the 
special Corrosion Issue. 


copper should vary with temperature. At 300°C 
the oxide should consist of 98 per cent CuO and at 
500°C, 75 per cent CuO. These predictions agreed 
with his own data obtained on annealed and de- 
gassed electrolytic copper under careful experimen- 
tal conditions. 

Dravnieks (16), using x-ray and chemical analysis 
on the oxide film formed on 99.8 per cent pure elec- 
trolytic copper in oxygen, observed that the fraction 
of CuO in the film is a function of both time and 
oxygen pressure at 500°C. Rhodin (17) has found 
that the low temperature oxidation rate of copper on 
several of its crystal faces is anisotropic. A compre- 
hensive review of the oxidation of copper and copper 
alloys has been prepared by Tylecote (18). 

The crystal structures of the oxides formed on 
molten zine were studied by Finch and Quarrell (19, 



















20), using a precision electron diffraction method. 
Their results indicate an intermediate oxide pseudo- 
morphic with the metal. This oxide had the same 
a» lattice parameter as the metal but a different 
value for ¢o in the hexagonal close-packed structure. 
If the zinc was in the form of single crystals the 
pseudomorphic oxide formed a single crystal while 
the normal oxide had a random orientation. Heating 
converted this oxide to normal ZnO. 

Bound and Richards (11) studied the oxidation of 
evaporated zinc films. No mention is made of a pseu- 
domorphic oxide. At room temperature no pattern 
of the oxide was observed by electron diffraction. 
Several oxide reflections were noted at 250°C and 
the complete pattern was found on heating to 300°C. 
















































































TABLE I. Equilibrium calculations on copper and 








zinc reactions 












































































































































Reaction References 
1. Cu(s) + 44 Ox(g) = CuO(s) (25) 
2. 2Cu(s) + 44 Ox(g) = Cu,0(s) (25) 
3. Cuz:O(s) + 44 O2(g) = 2Cu0(s) (25) 
4. Cu(s) + CuO(s) = Cu.0(s) (25) 
5. Zn(s) + 14 O2(g) = ZnO(s) (23, 24) 
6. Pb(s) + 14 On(g) = PbO(s) (25) 
7. CueO(s) + Pb(s) = PbO(s) + 2Cu(s) (25) 
8. CuO(s) + Pb(s) = PbO(s) + Cu(s) (25) 
9. 2CuO(s) + Pbh(s) = Cu.O(s) + PbO(s) (25) 
1 (2) | @ 4) 5) 6) 7 8) 9) 
Temp| —log) —log —log — log —log 
C | Por | Por | Por ing kK} %02 | Por | log K | log K | logK 
atm atm atm atm atm 
25/44 .9,.51.7.38.13.39)111.5 | 66.4 | 7.36 |10.75 (14.14 
100/34 .0'39 .8/28.2)'2.90; 87.0 | 50.8 | 5.5 8.4 11.3 
200 |24.8)30.1)19.5)2.65 66.6 38.0 | 3.95 | 6.6 9.25 
300 |18.8 23.614.1/2.38 53.2 | 29.6 | 3.0 5.38 7.76 
400 14.7:19.110.32.18 43.9 | 23.8" 2.37" 4.55 6§.73* 
500 |11.6)15.7| 7.52.13 37.0*| 19.4*| 1.83* 3.88* | 5.93* 
600) 9.3:13.3 5.41.95, 31.6*| 16.1*| 1.45*| 3.40* | 5.35* 











* Caleulated assuming Pb and Zn are solids. 








G. Shearer, as cited by Vernon, ef al. (21), postu- 
lated the presence of an amorphous oxide of zinc to 
account for the absence of an electron diffraction re- 
flection pattern from the abraded specimen. After 
heating, however, the oxide film gave the pattern of 
normal zine oxide. 

Lucas (22) oxidized the (001) face of zine single 
crystals and found only zine and normal ZnO spac- 
ings by electron diffraction. 






























































Thermodynamic Calculations 








Table I shows a list of the possible reactions which 
may occur in the oxidation of copper and of zinc. 
Since lead is one of the important impurities in cop- 
per, the solid phase reaction of lead and the lead 
oxides with the copper oxides and copper, respec- 
tively, are included. 
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The logarithms of the equilibrium gas p eSsures 
of oxygen are tabulated as a function of temperatyy, 
for the several reactions. For those reactions jp. 
volving only solids, the logarithms of the equilibriyn, 
constants are tabulated. Positive values of log x 
indicate that the reaction is feasible. 

The results show the following: (a) Cu.0. Cud, 
ZnO, and PbO are stable from 25° to 600°C, and j) 
vacua of the order of 10-5 mm of Hg, (6) CuO de. 
composes to CusO and O, in high vacua above 450% 
(c) the solid phase reaction of CuO with copper js 
feasible at temperatures between 25° and 600% 
(d) the solid phase reaction of lead with Cu( +, 
form PbO and copper is feasible between 25° and 
600°C ; however, in high vacua at 500° to 600°C th 
reverse reaction may occur since the lead is volati\ 
The latter result is of special interest since it shows 
that PbO is stable only in oxidizing atmospheres a 


TABLE IL. Impurity limits in sample “A” copper rod 


Element %, Definite Method 
Fe <0.00007 Spectroscopic 
Sb <0.0001 Spectroscopic 
Pb <0.0001 Spectroscopic 
Sn <0.0001 Spectroscopic 
Ni <0.0001 Spectroscopic 
Bi <0.00001 Spectroscopic 
Ag <0.00003 Spectroscopic 
As <0.0002 Spectroscopic 
Cr <0.00005 Spectroscopic 
Si <0.00001 Spectroscopic 
Se <0.0001 Chemical 
8 <0.0001 Chemical 


500° to 600°C in the presence of copper and not 
under vacuum conditions. 


EXPERIMENTAL 


Samples and Sample Preparation 


Two grades of pure copper were used. The first 
called “‘A,”’ was copper prepared by the America' 
Smelting and Refining Company (26) and the sec 
ond, called ‘‘B,” was electrodeposited from an acid 
sulfate bath and was prepared by Dr. Barnartt 0 
this laboratory. Table II shows the impurities in th 
“A” sample of copper. The “B”’ sample of coppe! 
showed lead and tin impurities of less than one-tenth 
that for “A” type of copper. The oxygen and sulfur 
contents of sample “B” were less than 0.001 and 
0.0001 per cent, respectively. 

The zine specimens were prepared from a lot 0! 
super-purity zinc made by the New Jersey Zinc 
Company. The specimens contained less than 0.0002 
per cent lead and 0.00005 per cent of cadmium 

The copper and zinc samples were used in three 
forms: (a) rods 34¢ of an inch in diameter, (b) 0.005 
inch thick disks 0.15 inch in diameter, and (c) evapo 
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rated films L000 A thick. Since the electrodeposited 
copper \\'as prepared in the form of sheets, rod sam- 
ples were not used. 
The rod specimens were abraded with polishing 
paper, finishing with 4/0 paper. The last stage of 
polishing was carried out under purified kerosene to 
minimize oxide formation. One set of copper rod 
specimens Was degassed in a vacuum of 10~° mm of 
Hg at 900°C for 12 hours. 

The copper disk specimens were degassed, dipped 
in 5N HNO, or 1N HCI, rinsed in distilled H,O and 
C,H;OH, and stored under 








absolute absolute 
(.H,OH. 

The evaporated copper and zinc specimens were 
prepared by evaporating 15 mg of the metal from a 
tungsten helix at a distance of 7.5 cm from a glass 
plate, which had previously been dipped in a 2 per 
cent solution of polystyrene in ethylbromide. The 
copper films were removed by scratching the poly- 










styrene surface into squares 3 mm on a side and then 
dipping into a mixture of ethylbromide and benzene. 
lhe films were washed twice in similar solutions and 
finally in absolute C,.H;OH. The films were stored 
in absolute CoH;OH. 

The metallic films were mounted directly on a 
200-mesh, stainless steel screen. 











Apparatus and Method 





Two types of electron diffraction camera were 
ised. The first was the electron diffraction adapter 
t the EMB-4 microscope described in detail by 







Picard (27). The second was a high temperature 
electron diffraction camera in which the oxidations 
vere carried out “in situ,’’ and the diffraction pat- 
terns taken at the given temperature. The design 
ind operation of this camera has been described 
28-30). 

For the high temperature electron diffraction cam- 
era, oxidation studies were made at a series of tem- 










peratures and for a series of oxidation times at a 
given temperature. Purified oxygen at 7.6, 1.0, or 
0.1 em of Hg pressure was used. To minimize solid 
phase reactions occurring between the metal and 
the oxide the diffraction patterns were taken within 
two to four minutes after starting evacuation of the 
gas atmosphere. To study the influence of solid 
phase reactions one diffraction pattern was taken 
iter holding in vacuum for 30 minutes at the tem- 
perature, 



































Method of Interpretation 








In order that the experimental electron diffraction 
patterns be interpreted correctly it was essential to 
bring together as much information as possible on 
the crystal structures under study. In this study the 
‘ollowing erystal structure in formation has been 
‘abulated for the oxides CuO, CuO, ZnO, PbO (red), 
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PbO (yellow), and the metals Cu, Zn, and Pb but 
not given here for lack of space: (a) the calculated 
diffraction pattern from known crystal structures, 
unit cell parameters, and extinction rules; (b) x-ray 
diffraction data from the literature; and (c) x-ray 
and electron diffraction patterns of oxides of known 
purity and of special oxides prepared in this labo- 
ratory. 

The systematic data on the crystal structures 
found in the surface oxides are presented in the form 
of tables. The terms, oriented, sharp, medium, and 
diffuse are represented by the letters O, 8S, M, and 
D, respectively, and refer to the type of diffraction 
patterns. To show the relative amounts of the sev- 
eral components in the oxide, the terms “‘s.a.”’ 
“tr.” are used to designate a small amount or a 
trace, respectively. 


and 


RESULTS AND DIscUSSION 
The Oxide CuO’ 

The diffraction pattern for this oxide (7-10) cor- 
responds to that for CuO (tenorite) plus an addi- 
tional line having a d/n value of about 2.75 A. 
Miyake (9) states that this extra line is associated 
only with CuO formed in the surface oxide between 
300° and 550°C. It disappears at higher tempera- 
tures. This line was attributed to the (011) diffraction 
line of monoclinic CuO even though this reflection is 
forbidden by the Akl extinction rules given for the 
space group C»2,.(C*%,) reported for tenorite by Tun- 
ell, Posnjak, and Ksanda (31, 32). This line is nor- 
mally missing in x-ray patterns of tenorite. 

Extra rings in electron diffraction patterns of the 
surface oxide of copper when CuO is present were 
noted here also. To test whether these extra rings 
could be attributed to an impurity, a number of 
critical experiments were made. 

X-ray diffraction study.—A Philips Geiger Counter 
X-Ray Spectrometer was used to analyze the powder 
patterns of reagent grade CuO and CuO prepared 
from a high purity Chilean copper. The intensities 
of the 2.75 A reflection for the two samples were com- 
pared to the 2.51 A reflection. The reagent grade of 
CuO showed a ratio of 1/11 while CuO from the high 
purity copper showed a ratio of 1/40. Spectrographic 
analysis showed the high purity copper to be the 
much purer CuO sample. Copper Ka radiation was 
used for the measurements while the influence of 
KB radiation was checked by varying the thickness 
of the nickel filter. 

Electron diffraction study of surface oxide.—Many 
studies of the surface oxide films on copper show a 
strong reflection at about 2.75 A and a weaker re- 
flection at about 2.00 A. The 2.75 A reflection is one 
of the strongest reflections for the surface oxide form- 
ing on high purity copper. It was only after experi- 
ments were made using electrodeposited copper and 
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evaporated films that patterns were obtained show- 
ing a weakening of the 2.75 A reflection. Fig. | 
shows a comparison of the CuO pattern for electro- 
deposited copper (sample “B’’) and for high purity 
copper (sample “A’’). The three characteristic inner 
rings are observed in the patterns. Table III shows 
a comparison of the intensities. The specimens of 
Fig. | were oxidized at 400°C in air for 30 min and 
the diffraction patterns taken using the electron dif- 
fraction adapter of the EMB microscope. 

A study was made of the diffraction patterns from 
the oxidation products of the impurities given in 


cud Cud 

ON 
ELECTRODEPOSITED Cu (B) 
OXIDATION 30 MIN AIR 400°C 


ON 
HIGH PURITY Cu (A) 
OXIDATION 30 MIN AIR 400°C 






231 A Cuo 
251 A Cu0— 
// 2.75 A Pb, Oy\\ 





> CENTRAL - 
SPOT 


Pb,O, ON EVAPORATED LEAD 
OXIDATION 30MIN AIR 400°C 


CENTRAL SPOT 


* STRONG LINES OF OXIDE 


. ° ° ° ned © ° 
Fic. 1. Comparison of intensity of 2.75 A line for two 
grades of copper with lines of oxidized lead. 


Table II and of the possible metallic contaminants 
from the apparatus. This information, together with 
an experimental study of the oxidation of Muntz 
metal (33) which contains 0.1 per cent of lead, sug- 
gested that the oxides of lead and zine might ac- 
count for the extra lines in the CuO structure. 

For zine, the diffraction patterns of the surface 
oxide ZnO show a strong reflection at 2.80 A and 
none near 2.00 A. The oxides forming on a lead sur- 
face have not been studied systematically and since 
a number of lead oxides may form it is difficult to 
predict in advance the strong reflections. 

To study the strong reflections of the surface oxide 
of lead the transmission electron diffraction method 
was applied to oxidized evaporated films and the 


JOURNAL OF THE ELECTROCHEMICAL SOCIETY Oct: 


of 1/10. Since the total amount of impurity presen; 
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reflection method to oxidized rods. A tran<missioy, 
pattern of a partially oxidized evaporated |\-ad film 
is given in Fig. 1. Strong oxide reflections are found 
at spacings of 3.76 A, 2.76 A, and 1.96 A. Reflectio, 
patterns show strong reflections at 2.73 A anc 2.01 A 
These results demonstrate how the strong re‘lections 
of lead oxide fall at or near the same spacings of the 
extra lines in the CuO surface oxide. 

Electron diffraction study of oxidized evaporated cop. 
per films.—Samples of high purity copper “A” wore 
oxidized at 300° and 400°C using 1 atm of air fo 
60 min. Transmission diffraction patterns showed y 
CuO structure plus weak reflections near 2.75 A and 
2.00 A. The intensity ratios with the 2.51 A Cy 
reflection were in the ratio of 2/10 while the reflec. 
tion patterns of rod specimens showed a ratio oj 
6/10. An evaporated specimen of electrodeposited 
copper ““B” oxidized at 400°C for 60 min in agi) 


all 


. . . . ~- 2 
showed an intensity ratio for the 2.75 A reflection 






l 







































TABLE IIL. Comparison of intensities of 2.75 A and 2.06 4 





reflections on CuO surface oxide 


Electron diffractior 


reflection method 
Sample 





Surface oxide on high purity copper 
Sample ‘‘A’”’ 2.75 6* 





Surface oxide on electrodeposited 


copper—Sample *‘B”’ 


to to 
2 


Not pres 


* Relative to 2.51 CuO line as 10. 








in these thin evaporated films cannot contribut 
strongly to the diffraction pattern there must hav 
been a pickup of impurities from the apparatus. | 
rod specimens, the higher intensities are due to both 





a concentration of impurities from the metal and a 
pickup of impurities from the apparatus. 





Studies on the appearance and disappearance of th 
2.75 A and 2.00 A reflections.—Miyake (9) stated 
that the structure CuO’ is formed only in the ten- 
perature range of 300° to 550°C. It was found her 
that these reflections form at 200°C when the oxide 
structure is Cu,O. At higher temperatures, above 
300°C, these reflections usually disappear when Cul 
is heated in vacua to form CusO (see Tables IV-V! 
This fact may be explained by the equation ( 
Table 1) 

PbO(s) + 2Cu(s) = Pb(s) + CuyO(s). 


At 300°C, log K for this reaction is —3.0 while at 
600°C it is —1.45. Although the reaction is unfavor- 
ablt at 300°C small amounts of PbO can be reduced 
by the Cu ions with the lead ions diffusing away trom 
the reaction zone and thus satisfying the equilibrium 
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eonditions. At 600°C the reaction can proceed read- and higher temperatures and for long oxidation 
‘ly since lead is removed by evaporation. This reac- times. These results are in agreement with previous 
‘jon explains the persistance of the 2.75 A and 2.00 A work (7-12). The presence of the extra reflections at 
reflections at 200°C but not at higher temperatures 2.75 A and 2.00 A are denoted by the structure 
in vacua. Pb,Oy. 

It is concluded that there is a strong probability Copper reflections often appear in the cooled oxide 
that the extra reflections attributed to the structure diffraction patterns due to the oxide cracking away 
('yO’ are caused by an impurity oxide which is prob- from the metal. At the 300° and 400°C oxidation 
ably an oxide of lead or zinc; although attention copper reflections appear in the early stages of the 
must be drawn to compounds of copper with other reaction due to the thinness of the oxide layer. 















TABLE IV. Crystal structure of oxide film on high purity copper (‘‘A’’) 


Oxidation at approx: 1 mm Hg of Os, abraded 4/0 





Temp °C Vac. 1 min Oxid. 10 min Oxid. 30 min Oxid. 60 min Oxid. 30 min in Vac. Cool 


IVA. Not degassed 















CuO tr. CuO CuO CuO CuO 
Cu.0 D CuO M | Cu,0 M | Cu.0 M M | CuO M | Cu.0 M 
tr. Pb,O, Pb,O, Pb,O, Pb,O, 



























CuO 





s.a. CuO tr. CuO CuO CuO CuO 

M | Cu,0 M | Cu,0 M CuO Ss tr.Cu,.0 § Cu.0 S Cu.0 S 
s.a. Pb,O, Pb,O, tr. Pb,O, 

Cu 














tr. CuO tr. CuO tr. CuO CuO tr. CuO 

D | Cu,d D » Cu.d D = Cu,0 Ds s.a. CuO M | Cu,O0 M | Cu.0 M 
tr. Pb,O, 

tr. Cu 








Cu Cu 





Cu 











tr. CuO tr. CuO tr. CuO tr. CuO tr. CuO tr. CuO 
Cu,0 D | Cued D CuO D  Cu.0 D CuO D CuO D |} CuO D 
Pb,O, Pb,O, Pb,O, Pb,O, Pb,O, Pb,O, Pb,O, 

Cu 


IVB. Degassed in vacuum (950°C, 12 hr) 














300 CuO CuO CuO CuO 
Cu,0 M | CuO M | Cu.0 M S S | Cu,d M | Cu.0 M 
tr. Pb,O, s.a. Pb,O, s.a. Pb,O, 








$.a.—present as a small amount. 
tr.—present as trace only. 

























elements, such as sulfur or arsenic, which have re- The existence diagrams for the oxides on copper 
flections in the same region. in this study differ in some respects from the earlier 
work of Gulbransen and Hickman. This is due to the 
fact that in the earlier work solid phase reactions 
with copper had ample time to occur while here 


Crystal Structures of Oxide Films on High 
Purity Copper 






Tables IVA and IVB summarize the crystal struc- they are minimized because the diffraction patterns 
‘ures observed in the oxide film as a result of oxida- were taken within 2 or 3 min after opening the sys- 
tion between 200° and 500°C and at 1 mm of Hg O, tem to the pumps. The velocity of the solid phase 
pressure. Table IVA gives results on the as-received reactions which occur in oxide films had been under- 
‘“opper and Table IVB on vacuum degassed copper estimated (6). 

10 mm of Hg at 950°C for 12 hr). Table V shows 
‘summary of the results obtained for oxidations at Crystal Structures of Oxide Films on 
300° and 500°C at a pressure of 7.6 em of Hg of Or. Electrodeposited Copper 

CuO is found to be the main oxide of copper at Samples of electrodeposited copper sheet were 
200°C. CuO is formed in the outer layer at 300°C carefully prepared using HNO; and HC! etching 
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treatments in the manner described to avoid any 7.6 em of Hg of oxygen. Electron diffract;. ,, pat- 
effect of abrading the surface. Table VI shows the terns were photographed at 2, 5, 10, 30, and 9 min 
results of a series of oxidations carried out at 200° after evacuating the oxygen. The first pat ery in 
and 300°C. Cu,O was the only oxide of copper ob- Table VII consists essentially of CuO with « smal 
served. In general the extra lines attributed to Pb,O, amount of Cu,O and the usual Pb,O, reflections, 4. 





TABLE V. 






Crystal structure of oxide film on high purity copper (‘‘A’’) 
Oxidation at approx. 7.6 em Hg of O, 








Temp °C lac. 1 min Oxid. 10 min Oxid. 30 min Oxid. 60 min Oxid. 






30 min Vac. Cool 








CuO 








s.a. CuO s.a. CuO CuO CuO CuO CuO 
Cu.0 M Cu.0 Ss 8.a. Cu.0 Ss Ss Cu,0 Ss Cu.0 Ss 
tr. Pb,O, s.a. Pb,O, s.a. Pb,O, tr. Pb,O, tr. Pb,O, 


TL 





















CuO tr. CuO s.a. CuO CuO CuO s.a. CuO 8.a. CuO 
Cu.0 M | Cu.O0 D CuO Ms s.a.Cux0 M M | Cu,0 M | Cu,0 M 
tr. PbO, tr. Pb,O, tr. Pb,O, tr. Pb,O, tr. Pb,O, 



















8.a.—present as a small amount. 
tr.—present as a trace only. 


TABLE VI. Crystal structure of oxide film on electrodeposited copper (‘‘B’’) 


Oxidation at approx. | mm Hg of O, 







Temp °C Vac. 1 min Oxid. 10 min Oxid. 30 min Oxid. 60 min Oxid. 30 min in vac. Cool 










\ 200°C 
Degreased, 5N Cu,0 M Cu.0 M > CuO M;\ CuO M!|Cuz.O M!CusO M/} CuO M 
HNO, dip, rinse tr. PbO, 


H.O and C.H,OH tr. Cu tr. Cu 







tr. Cu tr. Cu 





tr. Cu tr. Cu 















B. 200°C 

Sample after above tr.CuzeO M | tr.CusO M | CuO M = CuO D CuO D |) Cue0 D = CuO D 
oxidation washed Cu Cu Cu s.a. Cu tr. Cu tr. Cu tr. Cu 

with IV HCl, rinse 








C. 300°C 
Degreased, 5N Cu.0 M CuO Ms Cu,0 M;) CucOQ M;} CuO M}| CuO M | CuO M 
HNO, dip, rinse tr. Pb,O, 


H.O and C.H,OH Cu tr. Cu tr. Cu tr. Cu tr. Cu tr. Cu tr. Cu 













D. 300°C 


Sample C after M M | s.a.Cu.O Dj} CuO D;iCu0 D|Cu0 Di CuO D 
oxidation washed tr. Pb,O, tr. Pb,O, tr. Pb,O, 
with LIV HCl, rinse | Cu 


Cu Cu 





















E. 300°C 
Degreased, 1N M | tr.Cue0 M ) CuO D;}|}CuO D;Cu0O D; CuO D |} Cu,0 D 


HCI dip, rinse Cu Cu tr. Cu tr. Cu tr. Cu tr. Cu tr. Cu 
H.O and C.H;OH 


s.a.—present as a small amount. 
tr.—present as a trace only. 





are not observed, with a few exceptions. These ex- the vacuum heating proceeds the amount of Cu 
periments appear to show that for the purest copper decreases while the CusO increases. Within 10 to 30 


and for the unworked surface Cu.O is the oxide formed min the solid phase reaction of copper with CuO to 
at temperatures up to at least 300°C. form CuO is essentially complete. Similar results 


are observed at 300° and 400°C as is shown in the 
vacuum heating experiments given in Tables IV and 

To show the influence of solid phase reactions in V. Although at 500°C CuO may decompose to Cu”, 
oxide films, vacuum heating experiments were made according to thermodynamic predictions, at 300 
on the oxide film formed at 500°C for 30 min at and 400°C CuO is stable to high vacuum. 


Solid Phase Reactions in Oxide Films on Copper 
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These experiments show that the cuprous ion is 
mobile ia the Cu,O lattice in the temperature range 
»f 300°-900°C. 

From a study of the effect of oxygen on the con- 
juctivity of Cu,O at high temperatures, Wagner and 
workers (34-37) have proposed a mechanism for 
the oxidation of copper where Cu,O is the only 
oxide formed. In this theory the oxide is formed at 
the oxygen interface with the Cut diffusing through 
the CuO lattice by the motion of vacant sites in- 
vard. The vacant sites are formed at the oxygen 
interface by the reaction 














0. (gas) + 4e— + 4Cut (crystal) 
= 2Cu.0 (crystal) + 4e-0 + 4CutOD 






where © indicates a Cut vacancy or electron va- 





eaney. 

In the present study the oxide film consists, at 
300° to 500°C, of a layer of CueO plus a thinner layer 
of CuO. Under these conditions in the absence of 













Immediately 
after oxid. 





2 min in vac. 5 min in vac. 















CuO 
s.a. CueO § 
Pb,O, 


CuO 
Cu,0 Ss 
Pb,O, 


CuO 
Cu,0 Ss 
Pb,O, 









s.a.—present as a small amount. 





tr.—present as a trace only. 












xygen the vacancy sites necessary for Cut diffusion 
must be formed at the CueO—CuO interface by the 
reaction 








CuO (erystal) + Cut + e 
= Cu,0 (erystal) + CutO + e-O. 







At the metal interface the vacancies are filled by 
Cut and electrons from the metal. 

These experiments suggest an alternative method 
to the use of tracer techniques for the study of the 
mechanism of oxidation and the diffusion coefficient 
of Cut in CusO at temperatures of 300° to 500°C. 
This method requires a knowledge of the thickness 
of the CusO and CuO layers as well as the time for 
the solid phase reaction to occur. 

The experiment on degassed copper (Table IVB) 
shows the solid phase reaction occurring in the nor- 
mal manner on evacuation and suggests that the 
mechanism of oxide formation is similar to that 
lound for undegassed high purity copper. 

















The Pseudomorphic Oxide of Zine 






his oxide was observed by Finch and Quarrell 
19) using oxide specimens removed from a molten 








TABLE VII. Crystal structure of oxide film on high purity copper (‘‘A’’) 


After oxidation for 30 min at approx. 7.6 em Hg of Oz 


10 min in vac. 





s.a. CuO 


Pb,O, tr. Pb,O, 
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bath of zinc, but not by Bound and Richards (11) 
using evaporated films of zinc. The use of oxides 
from molten baths may be criticized for three rea- 
sons. First, the oxide films can be formed only at 
temperatures of 419.4°C, or higher, which somewhat 
limits the range of thicknesses which can be studied. 
Second, certain impurities may tend to concentrate 
in the surface oxide and since a large amount of 
material is available these impurities may exert a 
large effect. Third, the removal of the oxide without 
removing metal from the bath is difficult. Rod speci- 
mens and evaporated films of zinc have many ad- 
vantages for a systematic study. 

Oxidations of rod. specimens of super-pure zinc 
were carried out at temperatures of 200° to 375°C 
at 1 mm of O, pressure. There were no lines or spots 
which cannot be explained by the crystal structure 
of zine and ZnO. Studies with evaporated zinc films 
over the temperature range of 100° to 400°C at 1 em 
of O» pressure also gave negative results. 


30 min in vac. 60 min in vac. Cool 





tr. CuO 
Ss Cu.0 Ss 


tr. CuO 
Cu.0 Ss 
tr. Pb,O, 


tr. CuO 
Cu,0 Ss 
tr. Pb,O, 





Fig. 2 shows a typical oxidation of an evaporated 
film of zine at 250°C. The patterns, photographed at 
250°C except for the room temperature pattern of 
the zinc sample, show a mixture of zine and ZnO 
with the amount of ZnO increasing as the oxidation 
progresses. No evidence is found for the extra reflec- 
tions observed by Finch and Quarrell (19). 

It is difficult to reconcile the results of Bound and 
Richards (11) plus those of the present work with 
the results of Finch and Quarrell (19). The spot pat- 
tern results given by Finch and Quarrell (in their 
Tables 1 and 3) attributed to the pseudomorphic 
oxide can be correlated, with but two exceptions, 
with the reflections predicted from a calculated pat- 
tern of zinc using the extinction rules for this strue- 
ture. This requires assuming that the patterns of 
several single crystals of zinc are superimposed. An 
analyses of their Fig. 7 is difficult. However, the 
extra reflections attributed to the pseudomorphic 
oxide lie in d value within 0.01 to 0.02 A of reflec- 
tions due to zine or normal ZnO. Inner potential 
effects may conceivably change the reflections by 
the necessary amount. 


















100 





Crystal Structures of Oxide Films on High Purity Zine 


Table VIII shows a summary of the crystal strue- 
tures observed in the oxide film as a result of oxida- 
tions between 200° and 375°C and at a pressure of 
1 mm of Hg of O». ZnO is the only oxide of zine 
which forms in the oxidation. 


Zn+¢.0. ZnO 





Fig. 2. 


O- for 10 and 60 min periods. 


Oxidation of evaporated zine at 250°C and 1 em 


The oxide films on zine are colorless and the oxide 
is adherent under all conditions, although the sur- 
face showed a wavey character due to the formation 
of large crystals in the rod. 

CONCLUSIONS 

Studies on the surface oxides of copper between 

200° and 500°C show that CusO is the main oxide in 


the surface layer. At 400° and 500°C, CuO is formed 
for longer periods of oxidation. 


10 min Oxid. 





Vac. 1 min Oxid 





ZnO 
s.a.Zn M 


ZnO 
s.a. Zn M 


375 ZnO 
s.a.Zn M 








300 ZnO ZnO ZnO 
Zn M Zn D Zn D 





200 ZnO ZnO ZnO 
Zn M Zn M Zn M 








present as a small amount. 
present as a trace only. 
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TABLE VIII. Crystal structure of oxide film on high purity zine 


Oxidation at approx. 1 mm Hg of O» 


30 min Oxid. 


s.a.Zn M 


Octol 


1952 





With the CuO structure are found reflectic 
ing spacings of about 2.75 A and 2.00 A, | om 4 
comparison of the oxidation of high purity opper 
and electrodeposited copper of still higher pu ity, it 
is shown that these reflections are probably caused 
by an impurity oxide. This impurity is a result of 
two processes, the first being a concentration in the 
surface layer during oxidation, and the second re. 
sulting from a pickup from the apparatus. 

The impurity oxide can exist with CuO up to 
500°C and with CuO only at 200°C, and lower. 
This suggests that solid phase reactions occur be- 
tween the impurity oxide, probably lead, and cop. 
per under the vacuum conditions in which Cu, js 
formed. 


3 hay- 













A systematic study of the oxidation of super-pure 





zine and evaporated zinc over the temperature range 
of 200° to 375°C shows normal ZnO to be the only 
oxide formed. No evidence was found for the inter- 
mediate pseudomorphic oxide of zine observed by 
Finch and Quarrell. 


















Any discussion of this paper will appear in a Discussio: 
Section, to be published in the June 1953 issue of the Jour 
NAL. 
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A Preliminary Study of the Oxidation and Vapor 
Pressure of Chromium’ 


ABSTRACT 


removed as carbon monoxide. 


The oxidation reaction was studied over the temperature range 700° to 900°C. Ex- 
cept for the initial period of the reaction the data may be fitted by the parabolic rate 


law. A plot of log K/T vs. r gives a heat of activation of 66,200 cal/mole. Applica- 


tion of the transition state reaction rate theory to the rate data gives positive values 
of 10.7 to 13.5 entropy units for the entropy of activation. 

A comparison of the rate data with that of other metals shows that chromium has a 
good oxidation resistance although inferior to beryllium and the Ni-Cr series of alloys. 


INTRODUCTION 


The protective properties that chromium imparts 
to high temperature alloys is well known and is 
usually attributed to the properties of its oxide Cr.O, 
or to spinels of the type XO-Cr.O; where X may be 
iron, nickel, ete. Studies by Scheil and Kiwit (1) 
on Ni-Cr-Fe alloys and Hickman and Gulbransen 
(2) on the Ni-Cr-Fe series of alloys indicate that the 
most satisfactory heater alloys are those whose scale 
or film is characterized by the formation of CroQs. 

Although many oxides of chromium have been 
noted (3), only two are formed by oxidation, Cr.O; 
and CrO;. The oxide CrO; is formed under very 
strong oxidizing conditions. CreO; has been found to 
exist in more than one phase by Anderson (4) and 
by Blane and Chaudron (5); however, the rhombo- 
hedral structure is found in scales and films. The 
oxide CrO, exists in the orthorhombic structure. 

Cr,O; is stable to direct decomposition (6) at 
temperatures of 1000°C in high vacua of the order of 
10°° mm of Hg and less. The oxide vapor pressure 
is probably low at these temperatures. Little in- 
formation exists on the thermodynamic properties 
of CrO,; at high temperatures although its high room 
temperature heat of formation [137.1 kcal/mole (7)] 
would suggest that this oxide is also stable. These 
facts about the oxides of chromium suggest that 
chromium would have good protective properties 


‘Manuscript received January 28, 1952. The authors 
have kindly consented to a delay in publication so that 
this paper may be included in the specia] Corrosion Issue. 
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The high vacuum behavior of chromium at temperatures between 600° and 1015°C 
was studied. Using decarburized specimens, chromium acts as a getter to oxygen, while 
above 825°C chromium vaporizes at an appreciable rate. The vapor pressure of chro- 
mium was determined between 885° and 1015°C and a value of 93.9 + 0.2 keal per mole 
was found for AH}. Oxide and nitride films have no appreciable effect on the vapor 
pressure curve in this temperature and thickness range. The reaction of carbon with 
the surface oxide occurs at temperatures of 800°C and higher with the carbon being 







































at high temperature in oxygen containing atmos- 
pheres. 





This is a report of the reactions of chromium with 
oxygen at 7.6 cm of Hg pressure over the temperature 
range of 700° to 900°C as well as the high temperature 
reactions of chromium in high vacua. Since the sup 
ply of high purity chromium was extremely limited 
the various reactions could not be studied in detail 









EXPERIMENTAL METHOD 






A vacuum microbalance (11, 12) was used in all 
of these measurements. The sensitivity of the balance 
was 0.90 divisions (0.001 em)/ug with the weight 
change being estimated to 0.3 ug. For most of the 
measurements a double-walled mullite furnace tube 
was used to surround the specimen. This unit was 
sealed directly to the Pyrex vacuum system (13 
Pressures of less than 10°° mm of Hg were obtained 
at temperatures up to 1175°C. 

Purification chains consisting of Ba(ClO,), plat 
nized asbestos, and ascarite were used for preparing 
pure oxygen (11). To reduce the evaporation oi 
chromium for the experiments at 900°C spectro- 
scopic argon was added during the heat up and 
equilibrating period. It was removed before addin‘ 
the oxygen atmosphere. 

























Sam pl es 





The chromium was vacuum-cast high purity elec- 
trolytic chromium and was part of a preparation 
used for x-ray tube targets. Spectrographic analyses 
showed traces of tin and lead and minute traces of 
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icon. |! he presence of copper, silver, and iron were 
aspecte| but not established. Chemical analyses 
owed 0.04 per cent carbon. 

The material was ground to strips 0.5 em wide, 2.5 
om long, and 0.05 em thick with surface areas of 2.9 
om and weighing 0.6630 g. 

The specimens were abraded starting with number 
| grit paper and finishing with 4/0 polishing paper 
under purified kerosene. After cleaning in petroleum 
other and absolute alcohol the specimens were ready 









for use. 






RESULTS 





Vacuum Behavior 





Previous studies have shown that at least three 
reactions may occur on heating a degassed sample 
fa metal such as chromium in high vacua. These 






{) 2Cr(s) + 3/2 Oo(g) = Cr-O;(s)—gettering 
B) CreOs(s) + 3 C(s) 


= 2Cr(s) + 3CO(g)—decarburization 





by surface or internal oxides 











Cr (s) = Cr(g)—vaporization. 





Equilibria calculations (14) show that the partial 
pressure of O. over CreO; and Cr(s) at 1000°C is 
0” atm. Therefore, a clean surface of chromium 
chould remove oxygen from its surroundings in the 
est of vacua according to reaction (A). Thermo- 
lynamic calculations show that reaction (B) is pos- 
ible at temperatures greater than 700°C in high 
acua of 10° mm of Hg and in a flow system where 
the CO concentration is maintained below the equi- 
ibrium value. In Ni-Cr alloys this reaction becomes 
uoticeable above 800°C in high vacua (14). Accord- 
ng to the recent data of Speiser, Johnston, and 
Blackburn (9) the vaporization of chromium, re- 
tion (C'), should become noticeable in our method 
it temperatures greater than 825°C. 

teactions (A) and (C) can be studied without the 
omplications of reactions (B) if decarburized chro- 
nlum specimens are used. The decarburization is 
arried out by high temperature oxidation and vac- 
ium heating, the samples being abraded before using 
0 remove any excess surface oxide. 

Reactions (A) and (C) were studied using a fused 
llartz furnace tube since it was necessary to calibrate 
‘he thermocouple immediately before the experiment. 
ig. | shows a heating curve of a clean decarburized 
iromium sample in high vacua of 10~° mm of Hg or 
«ss. The weight change in ug/cm’ is plotted against 
‘he time in minutes with the temperature being 
‘hown at the top of the figure. 

The chromium specimen gains weight on heating 
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between 600° and 816°C indicating that chromium 
is reacting with oxidizing gases in the vacuum. An 
oxide film of 2.00 ug/cm* or 120 A was formed in 
70 minutes. These calculations are based on a sur- 
face roughness ratio of unity, assuming the oxide to 
be Cr.0;. Above 816°C chromium starts to evaporate. 
This reaction increases rapidly with temperature. 
Pressure measurements show that no nonconden- 
sible gases were formed, while observations on the 
tube showed chromium depositing on the colder 
parts. 

To test further the nature of this weight loss, 
careful measurements were made as the specimen 
was heated at a definite rate and the rate of evapora- 
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Fic. 1. Vacuum behavior of Cr vac < 10°* mm Hg— 
600°-1015°-931°, 1 wg wt gain = 60 A of oxide. 


. dw ; 
tion ji determined at a series of temperatures. 
( 


The vapor pressure, P, of chromium was calculated 
from the Langmuir equation (15) 


ee ~M 
a Vv 2nRT 


Here M is the molecular weight of the evaporating 
dw 

atom or molecule, 7 is the absolute temperature, 
dt 
is the rate of vaporization in g/cm’/sec, and a is the 


condensation coefficient. is determined from a 
large plot of Fig. 1 using Lagrange’s interpolation 
formula. 

Table I shows the vapor pressure data while Fig. 2 


shows a plot of log P vs. T The present data are in 


good agreement with the work of Speiser, Johns- 
ton, and Blackburn (9) but are considerably lower 
than the data quoted by Dushman (8). The heat of 
vaporization AH) is calculated using the equation 
0 wy A) yO 0 
F-—-H Fr - 
a =—-RinP - ul 7 a + \ r H) 


where (= ae =) and (= 
T p T 


functions of the gas and solid respectively and were 


solid 


) are the free energy 
& 
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calculated from data given by Speiser, Johnston, 
and Blackburn (9). 

Table I shows the calculated values of AH}. The 
mean value is 93.9 + 0.2 kcal/mole which may be 
compared to the value of 93.50 + 0.18 kcal/mole 
given by Speiser, Johnston, and Blackburn (9). 

In a previous work (10) it was shown that the 
vapor pressure. of beryllium was affected by oxide 


5.00 





a 


P (ATM) 


- LOG 








8.2 
+ x10" 

Fic. 2. Vapor pressure of chromium. (A) Dushman; 
(B) Speiser, Johnston, and Blackburn, (1561°-1283°K) 
AH = 93.50 + 0.18K cal/mole; (C) Gulbransen and An- 
drew, (1282°-1162°K) SH = 93.90 + 0.22K cal/mole. 


TABLE I. Rates of evaporation and vapor 
pressure of chromium 
Temp Rate —log P AH? 
K g/cm?/sec X 10° atm kcal/mole 
1162 0.0052 10.2564 93 .9 
1176 0.0086 0355 93.9 
1195 0.0151 9.7873 94.1 
1212 0.0239 9.5848 94.; 
1229 0.0516 9.2426 93 .6 
1244 0.0786 9 .0622 93 .§ 
1254 0.1185 8921 93 .6 
1268 0.1498 . 7829 94. 
1282 0.2415 8.5682 93 .! 


Mean 93.9 + 0.2 


and nitride films. A similar study was made for 
chromium using specimens having oxide thicknesses 
of 7440 A and 23,200 A and a nitride film corres- 
ponding to a weight gain of 100 ug/cm’. The results 
show the same weight loss curves as that given in 
Fig. 1 and thus there is no effect in this temperature 
and film thickness range. 

Fig. 3 shows a study of the reaction of the surface 
oxide with the carbon in the metal (decarburization 
reaction). Three curves are shown in the figure. 
Sample A is the heating curve of a clean chromium 
specimen while samples B and C were reacted with 
nitrogen and oxygen before heating. Since samples 
A and B contain only a minimum amount of surface 


* 1959 


oxide, these curves represent essentially vap: pres. 
sure curves. Sample C shows the reaction of the 
surface oxide with carbon occurring at a t npera- 
ture of 800°C with carbon monoxide being «volved 
in the reaction (14). This reaction offers a simple 
way to remove the surface oxides from chromium 
providing the sample is cooled rapidly from the high 
temperature to avoid any gettering reaction and 
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Fig. 3. Deecarburization reaction CreO;(s) + 3C(S8 
2Cr(s) + 3CO(qg). 
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Fic. 4. Oxidation of chromium, 7.6.cm of Hg of 0; 
effect of temperature. 


providing the carbon present in the metal is suff- 
cient to remove the oxide. 


Reaction with Oxygen 


Fig. 4. shows the weight gain vs. time curves {or 
several temperatures at a pressure of 7.6 em of Hg. 
The oxidation curves show a typical shape with the 


. dw : ‘ 
rate of reaction i decreasing as the thickness 10- 
0 


creases. At 700°C, a film of about 1500 A forms in 
in two hours while at 900°C, a film of about 24,000 A 
forms in one hour. Above 850°C the rate of reaction 
appears to increase more rapidly with temperature. 
Green oxide films were obtained for all of the tem- 
peratures studied. 

The parabolic rate law 


W* = Kt+C (16-19 
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explain approximately the time behavior of the rate 
of the reaction. Here W is the weight gain in ug/cm’, 
jis the time, K is the parabolic rate law constant, 
and C is a second constant. To test the application 
of this rate law the weight-gain squared is plotted 
against the time in Fig. 5 for the 900°C oxidation. 
Although the data fall away from a straight line, 
still satisfactory K values can be evaluated. 
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Fig. 5. Oxidation of chromium, 900°-7.6 cm of Hg of 
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Fic. 6. Oxidation of chromium, 7.6 em of Hg of O2, 700°- 
900°, E = 66,300 cal/mole. 


l'wo equations may be used to evaluate the tem- 


perature dependence of the parabolic reaction rate 
constant K: 


Arrhenius equation (20) K = Ae */*" 
and (I) Transition state theory (21) 
K 2k 2 as*;e —An/Rr 
—~=-—Xre ' . 
oil hae Ba (I) 
Here A is the frequency factor, AH is the heat of 
activation, AS* is the entropy of activation, \ is the 


interatomic distance, k is Boltzman’s constant, h is 
Planck’s constant, and FR is the gas constant. 

Since the oxidation follows the predictions of the 
parabolic rate law, it is possible to evaluate the 

heat and entropy of activation of the rate limiting 
process. The parabolic rate law constants were eval- 
uated from the parabolic plots of the data in the 
time range of 60-120 minutes except for the 900°C 


' l 

i Although 
only four points are given the data fall roughly on a 
straight line. An energy of activation of 66,300 cal 
mole was calculated for the temperature range of 
700° to 900°C, 


run. Fig. 6 shows a plot of log 7 YS: 


TABLE II. Parabolic rate law constants, entropies, heats, 
and free energies of activation for the oxidation reaction 


Temp K AS* AH —TAS* AF* 

+ (ug/cm*)?/sec cal/mole°C| cal/mole | cal/mole | cal/mole 
700 2.38 X 10°" 13.0 66,300 | 12,620 | 53,680 
800 2.195 K 10° 10.8 66,300 | 11,600 | 54,700 
850 | 8.9 x 10° 10.7 66,300 | 12,020 | 54,280 
900 1322 xX 107% 13.5 66,300 | 15,850 | 50,450 
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Fic. 7. Comparison oxidation of chromium with other 
metals, 900°-7.6 em of Hg of Oz. 


ah . AS*/R 
The temperature independent factors e were 
evaluated from the transition state theory expres- 


- 


sion for i Table II shows the values of the para- 


bolic rate law constants and the heats, entropies, 
and free energies of activation of the rate controlling 
process in the oxidation of chromium. 

Since the parabolic rate law is based on the con- 
cept of diffusion of chromium or oxygen ions through 
the oxide, the data confirm the application of these 
concepts to the oxidation of chromium. Deviations 
noted in the initial stages of the reaction are pre- 
dicted by a recent analysis of Mott (17). The value 
of 66,300 cal/mole for the heat of activation is 
the highest value observed to date in oxidation 
studies while the positive values of the entropy of 
activation are to be expected from theoretical con- 
siderations. According to Zener (22), AS* is posi- 




















106 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


.- OAF* . , ; 
tive if ‘ 1 is negative which follows from the 
equation 
* ‘* 
AS* s- (er ) ° 
OT /p 
‘ : ' AF* . 
From energetic considerations aT is negative for 


the activated diffusion state and, therefore, AS* is 
positive. These concepts suggest that for Cr.O; no 
short circuits need to be introduced in the diffusion 
picture to account for the oxidation of chromium. 
In this respect chromium may differ from most 
metals studied since negative values of AS* are usu- 
ally observed. 

Fig. 7 shows a comparison of the oxidation curve 
of chromium at 900°C with those for beryllium, 
nickel, and an 80-20 Ni-Cr alloy. Although chro- 
mium is much superior to many metals in its re- 
sistance to oxidation, it is still inferior to beryllium 
and alloys of the Ni-Cr series. 

It is of interest to compare the rate at which the 
chromium atoms diffuse through chromium oxide 
during evaporation with the rate of oxidation. Since 
the oxide film thickness at 900°C does not effect the 
rate of evaporation it is expected that the chromium 
diffusion through the oxide is sufficient to account 
for the evaporation. In one experiment at 900°C the 
rate of oxidation was 1.735 & 10° g/em*/see for 
a film thickness of 386 wg/em*. This is equal to 
0.655 < 10° atoms of O reacting per em’* per sec or 
0.437 < 10” atoms of Cr per cm’ per sec diffusing 
to the surface. From the rate of evaporation 8.6 X 
10 “° g/em*/see of chromium is lost. This is equal 
to 1 & 10” atoms per em per sec. It can be seen 
that the rate of chromium diffusion is more than 
ample to account for the rate of evaporation. Due 
to the higher heat of activation for the evapora- 
tion process at some high temperature, the rate of 
evaporation may be limited by the diffusion through 
the oxide. The latter condition is found in the evapo- 
ration of beryllium at 900°C where the rate is lim- 
ited by the presence of oxide and nitride films (10). 


CONCLUSIONS 

A study of the high vacuum reactions of chro- 
mium at elevated temperatures shows three impor- 
tant reactions. First, chromium can act as a getter 
forming an oxide film. Second, the surface oxide and 
internal oxides can react with the carbon in the 
metal to form carbon monoxide at temperatures 
above 800°C. Third, chromium vaporizes at an ap- 
preciable rate above 825°C. The rate of vaporization 
is not effected by the presence of oxide or nitride 
films in this temperature and thickness range. 
Chromium reacts with oxygen at an appreciable 


Octob > 1959 


rate at temperatures of 700°C and higher. T} 





para- 








bolic rate law gives a reasonable correlation. A plo; 
of the parabolic rate law constant against 7 shows 
an exponential temperature dependence. \ hea; 


of activation of 66,300 cal/mole and positive ep. 
tropies of activation of 10.7 to 13.5 entropy units 
are calculated from the data. The heat of actiyg. 
tion is the highest so far observed for any meta! 
while the positive values for the entropy of activa. 
tion are in agreement with theoretical considers 
tions. 









A comparison of the rate of oxidation is made 
with other metals. Although chromium is superio; 
to many metals, it is inferior to beryllium and ty 
alloys of the nickel-chromium series. 








Any discussion of this paper will appear in a Discussioy 
Section, to be published in the June 1953 issue of th 
JOURNAL. 
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Veasurement of the Corrosion Rate of a Metal from 
Its Polarizing Characteristics 


W. J. SCHWERDTFEGER AND QO. N. McDormMAN 


U.S. Department of Commerce, National Bureau of Standards, Washington, D. C. 


ABSTRACT 


The theoretical electrical relations between the polarizing characteristics of the 
elements of a galvanic couple and the polarizing characteristics of the couple itself 
are described and demonstrated experimentally. An expression for the measurement 
of corrosion rate, which has been confirmed only for the special case of single couples, 
is shown to apply generally to the corrosion of steel in soils and presumably in other 
aqueous media. From the relation between the potential of a corroding metal and the 
applied external current, the type of control of the corrosion rate was deduced. The 
significance of the slope of polarization curves with respect to corrosion rate is 


indicated. 


INTRODUCTION 


Experimental proof of the electrochemical nature 
of the corrosion of iron in aqueous media was estab- 
lished by Evans and Hoar (1). Later, Brown and 
Mears (2) concluded that at least for the conditions 
of their experiment, the corrosion of aluminum was 
virtually electrochemical. These investigators car- 
ried out their experiments with corrosion cells hav- 
ng separated anodes and cathodes and, therefore, 
vere able to show the relation between the poten- 
tials of these elements and values of current within 
the range represented by the local cell current. Miil- 
er (3) in discussing the local cell theory of corrosion 
uterpreted polarization in the terms.of pore and 
film resistances. The interpretation of cathodic and 
anodic polarization curves characteristic of con- 
tinuous metallic surfaces in relation to electrochemi- 
cal corrosion has been discussed by several investi- 
gators (4-9). Streicher (5) has shown that breaks 
oecur in anodic polarization curves when local ac- 
tion ceases. An explanation of the breaks in polariza- 
tion curves as related to cathodic protection and 
the type of control was discussed by Mears and 
Brown (10, 11). 

Based on the studies of Miiller, Pearson (12) de- 
rived an equation for local action current as a func- 
tion of the external direct currents, applied anodi- 
rally and cathodically, which are required to reduce 
the local action current to zero. Holler (13) con- 
irmed the equation by deriving it trigonometrically. 
Both investigators established the validity of the 
equation by measuring local cell currents with a 
meter under conditions which precluded appreciable 
oeal action on the separate elements of galvanic 
ouples. Elimination of the measurable currents also 

‘Manuseript received March 17, 1952. Paper prepared 
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was indicated by potential breaks in the anodic and 
cathodic polarization curves of the couples. 

Whether or not the Pearson equation can be ap- 
plied generally in measuring the corrosion current” 
resulting from the innumerable galvanic couples’ 
characteristic of the corrosion of most metals in 
aqueous environments has not been shown. If all of 
the couples on a corroding surface can be considered 
as being statistically equivalent to a single couple, 
it seems reasonable to expect the known electrical 
relations to apply. By comparing values of weight 
loss calculated by Faraday’s law from electrical 
measurements made on corroding surfaces with the 
actual weight losses, the accuracy of the electrolytic 
method for measuring corrosion rate in aqueous 
media can be determined. 


THEORETICAL ELECTRICAL RELATIONS 


The electrical relations existing among the current 
produced by a galvanic couple, the polarizing char- 
acteristics of the anode and the cathode, and the 
potential of the couple in an aqueous medium of 
negligible resistance, are illustrated in A, Fig. 1. 
The hypothetical relations between the potential of 
the couple and external direct. current applied anodi- 
cally and cathodically are shown in B, Fig. 1. These 
relationships are shown to result in the equation for 
corrosion current originated by Pearson (12) and 
confirmed by Holler (13). The purpose of the method 
of plotting and the derivation of the equation which 
follows, is to demonstrate the relation between the 

2? The term corrosion current as used in this paper refers 
to that current which is equivalent to the sum of all the 
currents associated with local cell action. 

3 The term galvanic couple is used in the general sense 
and implies the flow of current produced locally by cell 
action due to the contact of dissimilar metals in a given 


aqueous environment or because of differences in the envi 
ronment on the exposed surface of a given metal. 
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polarization of the elements of a galvanic couple and 
the polarization of the couple itself when an external 
current is applied. The type of control, i.e., the elec- 
trode at which the rate of corrosion is controlled, 
can be deduced from changes in potential of the 
couple and also from the associated external cur- 
rents applied anodically and cathodically to the cou- 
ple which produce such changes. These currents are 
indicated in the figure by definite changes in slope 
of the polarization curves when the local action cur- 
rent is reduced to zero. For a given environment, 
the resulting slopes will be shown to be related to 
the rate of corrosion. 

The symbols used in this paper are identified as 
follows: 


Kk, = open-circuit potential of the anode 
open-circuit potential of the cathode 
potential of the couple 

to = corrosion current 
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Fic. 1. Hypothetical relations between the polarization 
of the elements of a couple and the polarization of the 
couple. 


I, = external cathodic current applied to the cou- 
ple when the anode current (corrosion cur- 
rent) becomes zero. This is the minimum 
current required for cathodic protection. 

/, = external anodic current applied to the couple 
when the cathode current (corrosion cur- 
rent) becomes zero. 

a = change (AE,) in the potential of the couple 
from the value at zero applied current to 
the value at /,. 

b = change (AZ,) in the potential of the couple 
from the value at zero applied current to 
the value at /,. 


When the elements of a galvanic cell are short- 
circuited and exposed to an aqueous electrolyte of 
high conductivity, the anode and the cathode po- 
larize to a potential, #,, as represented in A, Fig. 1. 
The limiting current corresponding to this potential 
is the corrosion current, 7,, assuming the elements 
are free of local action. If an increasing external 
current is applied to the couple B, Fig. 1, the poten- 
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tial of the couple will become more cath«die », 
anodic, depending on the polarity of the .pplied 
voltage. Potential breaks which occur at th, open- 
circuit potentials of the anode, F£,, and the c:thodp 
E., indicate that the corrosion current has | een 
duced to zero. The current, /,, is determined by the 
intersection of the ordinate, ,, and the line drawy 
from N parallel to the polarization curve of the 
cathode. The current, /,, is determined by the inter. 
section of the ordinate, /, and the line drawn from 
M parallel to the polarization curve of the anode 
For externally applied currents greater than J, or 
I,, the surface of the hypothetical couple becomes 
either all cathodic or anodic, respectively; for these 
currents the polarization curves are assumed to {ol- 
low the extension of the broken line drawn from \ 
and M, respectively. 

Polarization of the couple at applied currents 
smaller than either 7, or J, is represented by the 
solid lines connecting points 2, and EF, and points 
FE. and E,, respectively. Since it can be shown by 
geometry that these solid lines are diagonals of simi- 
lar rectangles, each forms the angle @ with the hori- 
zontal line through E#, at zero applied current. By 
trigonometry, the following equations resulting in 
the expression for the corrosion current as a functio: 
of the externally applied currents indicated by the 
potential breaks are derived: 


tan @ = i. (] 
also, tan @ = b ‘ (II 
,  f 
i 
Therefore, from (1) and (II), tan @ = i. + i. (il 
tang = c: (IV 
b 
ela ‘ ~_ I, (Vy 
also, tan @ = ra ny 
“7 . a bl, = 
, ¢ = 4 (V] 
Combining (IV) and (V), 7 —i. 
Combining (II) and (III),a + 6 = ple ne . (VO 
q 
Substituting (VII) in (VI), 4 = Tyla , (VIII 
I, + Iq 


The type of control of the corrosion rate, that 's, 
the electrode reaction which determines the rate 0! 


° . a ‘) | ) 
corrosion, can be expressed by the ratio j (Fig. !). 
p 


As the value of this fraction approaches zero, the 
corrosion rate tends to Le controlled by the cathode 
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reactio:. exclusively. Conversely, as the fraction ap- 
proach: » infinity, virtually complete control by the 
anode reaction is indicated. By combining equations 
1) and (II), an expression is obtained for the type 
of control in terms of the measurable currents /, 
and = that is, 

ae dtp 


b = T, (IX) 


From equation (VI) the corrosion current, 7%, is 


A l J 
equal to 7, multiplied by the factor = ~_. Even if 


+ b 
a 
the type of control, expressed by ; changes con- 
. b 
siderably, the value of the fraction - TI changes 
) 


relatively little. Consequently for a given environ- 
ment, 7, can be considered for practical purposes to 
be a direct function of J,. 

If it is assumed that the slope of the external ca- 
thodie polarization curve for applied currents greater 
than J, is the same as the slope of the polarization 
curve of the cathode (A, Fig. 1), then for a reaction 


; a 
completely under cathodic control , eo}, and as- 
) 


suming #, — E£, as constant for a given environ- 
ment, the corrosion current, 7, for a given area 
would be inversely proportional to the slope of the 
aforesaid portion of the external cathodic polariza- 
tion curve. In a reaction where 6 is several times 
greater than a, it follows from the expressions for 


; al b 
the slope of the cathodic polarization curve, —- = 


lo 
! " - that 7, and consequently J,, are, in effect, 
» 
inverse functions of the slope of the external ca- 
thodie polarization curve at applied currents greater 
than /,. 

The same reasoning applied to corrosion reactions 
which are, in effect, cathodically controlled, also ap- 
parently applies to anodically controlled reactions. 
For anodically controlled reactions, 7, and J, would 
bear a direct relationship, one to the other, and an 
inverse relationship would exist between 7, or J, and 
the slope of the potential curve for currents greater 
than /,. 

Diagrams similar to Fig. 1 are shown in Fig. 2 for 
hypothetical couples corroding under different types 
of control. The expression for 7, given by equation 
(VIII) applies in all cases. For the special condition 
of striet cathodic control (a, Fig. 2) and strict anodic 
control (e, Fig. 2), the respective currents, /, and 
!,, are theoretically infinite and, therefore, not indi- 
cated on the diagrams. Most corrosion reactions are 
indicated by b or d, Fig. 2, and strictly speaking, 
mixed control might be represented by c¢, Fig. 2. 
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MEASUREMENT OF GALVANIC CURRENT 


For a preliminary study of the current and poten- 
tial relations of a galvanic couple and the deter- 
mination of corrosion rate as discussed in the pre- 
vious section, a couple consisting of iron and copper 
was chosen. The couple was immersed in an electro- 
lyte, one liter of which contained 67.1 g of potas- 
sium chloride and 19.1 g of borax. In order to reduce 
local attack on the iron, the solution was adjusted to 
approximately pH 9.7 by the addition of sodium hy- 
droxide. To insure that the total corrosion current, 
ip, would be represented entirely by the measurable 
galvanic current, the local action current on the iron 
was further reduced by making the area of the anode 
small in relation to the cathode area. This was pos- 
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Fig. 2. Hypothetical polarization diagrams for various 


types of contrei. 


sible because the galvanic current was determined 
almost entirely by the cathodic polarization of the 
copper. 

The couple was assembled by mounting on the 
upper surface of a circular rubber cap a steel disk 
surrounded by a relatively large annular copper disk 
lying in the same plane. Insulated copper wires were 
soldered to the unexposed underneath surfaces of 
each electrode. The area of the exposed copper cath- 
ode was 2.3 in.” (1484 mm’) and that of the exposed 
steel anode was 0.06 in.’ (3959 mm’), giving an area 
ratio of approximately 38 to 1. The assembly was 
placed inside and on the bottom of a 1000 ml beaker 
and held in place by pouring molten paraffin around 
the base. Approximately 750 ce of electrolyte was 
poured into the beaker. External current was ap- 
plied to the couple through a cylindrical carbon rod 
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one end of which was immersed in the electrolyte 
about 3 in. (76 mm) above the couple. 

In addition to the measurement of galvanic cur- 
rent, the wiring arrangement permitted the simul- 
taneous measurement of the anode and cathode po- 
tentials for different values of applied current or the 
simultaneous measurement of galvanic current and 
potential of the couple as the external current was 
applied anodically or cathodically. The galvanic cur- 
rent was measured with a zero-resistance milliamme- 
ter and the potentials by the Hickling method as 
adapted by Darnielle (14) for use with soil corrosion 
cells. Approximately equal increments of current 
applied for fixed time intervals were found to be 
desirable in obtaining the polarization data. An 
arbitrary interval of three minutes was used. 
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Fic. 3. Polarization curves of an iron-copper couple in a 
potassium chloride solution. 


The polarization curves for the separate elements 
of the couple and for the couple itself are shown by 
the solid lines, Fig. 3. It will be noted that, as the 
galvanic current becomes equal to zero during the 
polarization of the couple, potential breaks occur 
which correspond closely with the open-circuit po- 
tentials of the separate elements. The method of 
determining /, and J, as previously discussed in con- 
nection with Fig. 1, although applying reasonably 
well to Fig. 3, should be regarded only as hypotheti- 
cal. The corrosion current of 165 wa obtained by 
direct measurement corresponds very closely with 
the value of 168 wa caleulated by the use of equation 
(VIIL). Having calculated the value of 7, the po- 
larization of the separate elements can be repre- 
sented by the triangle of dashed lines connecting 
points E., E., and E, (Fig. 3). The fact that all of 
the current associated with the corrosion of the 
couple is accounted for, that is, that local corrosion 


on the electrodes is negligible, is indicated by the 
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absence of potential breaks in the actual | olarizg. 
tion curves of the separate elements. A ¢ ithod) 
polarization curve also made on the anode ('e). no) 
shown in Fig. 3 was typical of an insoluble e!eetrod 
such as discussed in a previous publication (5 









MEASUREMENT OF THE RATE OF CorRosiox 
OF STEEL IN SOILS 






The electrical measurements which have bee) 
shown to account for all the corrosion of a galvanic 
couple consisting of a distinct anode and cathode 
were now applied to a steel surface containing a) 
indefinitely large number of galvanic couples. The 
accuracy with which the current associated with the 
natural corrosion of the steel could be measured was 
determined by comparing the actual weight loss of , 
specimen after 2 months of exposure with the weigh 
loss calculated by Faraday’s law, using average rates 
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Fig. 4. Polarization curves of a steel electrode expos: 


to soil 60. O—Anodic; @ 





cathodic. 








of corrosion current as determined by periodic elee- 
trical measurements of /, and /,. 

In view of the fact that soil corrosion cells wer 
found to maintain relatively steady corrosion rates 
for extended periods, it was decided to use such cells 
for this study. The cell is so devised that the single 
steel electrode corrodes by differential aeration. 4 
special advantage of the cell lies in the fact that it is 
stable, as indicated by the rapid restoration of the 
electrode potential to the normal value after having 
been subjected to cathodic and anodic polarization 
Because of the normal decrease in the rate of corro- 
sion of steel with time, it was necessary to repeat the 
polarization measurements at periodic intervals dur- 
ing the 2-month exposure period. The design of the 
cell, properties of the soils, and technique of meas! 
ing potentials have been previously described (19). 

The polarization curves of a steel electrode afte! 
exposure for two days in one of the five soils used 
are shown in Fig. 4. The breaks in the current- 
potential curves are typical of corroding steel i 
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TABLI ! Corrosion rate and weight loss of steel in soils as 
caleu'ited from polarization curves—exposure 2 months 


Polarizing cur 


o rent at the Corr Weight loss of electrode 
: == |potential-break \OFTO- 
_ |Ele ES pe sion ‘ 
e tro yal cur- “ 
= \num £8 t Ip Diff 
Emer | 2° | Ca | anos rent aks iffer- 
3 2» - | Anodic | io alcu- ; ence 
b as thodic Iq lated» Actual based on 
3 Be P actual 
days| ua wa wa mg mq % 


60 6 63)C«2 | « OO | «1750 | 447 ~—sO0.75 22 


63 78 | 5114 | 519 | —1.5 


13; 9| 2) 770 | dlp» | 770 | 1.0 38 
17 400 | >I, | 400 | 1.0 220 


30 360 800 248 0.69 105 
45 | 420 780 | 273 65 98 
63 | 305 | 1370 | 249 82 117 


63 .83° | 5784 | 575 | +0.5 


78|20| 7 | 185 | »>/, | 135| 1.0 24 
16 107 | >I, 107 | 1.0 27 
27 | 60) >I, 60 1.0 23 
34 52 185 41 | 0.79 9 
42 55 160 41 75 8 
59 70 200 52 74 20 
63 5 
63 .88 | 1164 | 111 | +4.5 


79| 23 | 3} 352 | 900 | 253 | 0.72 19 
11 | 150 600 | 120 .80 37 
18 | 220 | 970 | 179 81 26 
26 «355 1600 | 290 .82 47 
33 | 290 | 1340 | 239 .82 46 
41 | 250 | 1600 216 86 45 
48 200 1200 | 171 85 34 
59 | 390 | 2000 | 326 84 68 


61 .8le¢ | 338¢ | 364 | —7.1 


79| 24) 3 | 404 950 | 283 | 0.70 21 
11 | 350 | 930) 254 73 54 
18 | 210 1000 | 174 83 37 
26 |. 220 | 800 173 79 35 
33 | 200 | 1290 173 86 30 
41 200 2120 183 91 36 
48 150 1400 | 136 91 28 
59 | 300 | 2700 | 270 .90 56 


61 14 
61 83° 311¢ | 342 —9.1 
Tota tion (VIII 
= , equatior ) 
rey s quation 


* Weight loss (grams) = Kt], where K = 2.8938 x 10°‘ 
grams per coulomb, / = i, = average current (amp) for the 
period (¢ in seconds) between successive readings. Note: 
The value of i, at the instant of exposure and at the end of 
‘xposure is taken as the initial and final values, 
respectively, as calculated. 

* Average value. 

Total value. 
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TABLE I.—Continued 


Polarizing cur- 








- e rent at the c Weight loss of electrode 
_ |Elec-| £% |potential-break |“0'T° 
& |trode| 55 ne 

“leg cur- 
E | Se .. rent Ip Differ 
ber | 7 Ca r : my | Cal > 

—) 2 2 |thodi Anodic io® | alcu- | 4 tual ence 
= aS . q } | lated” |° based on 
PB iw P actual 

da_s ua ua pa | me meg J 


64 | 29 7 | 100 400 80 | 0.80 14 


19 80 1000 74 .92 23 
29 82 600 72 .88 18 
42; 60; 600) 55 91 21 


62 150 600 120 .80 20 


63 .87¢ | 1144 | 113 | +0.9 


soils. If, as indicated in the figure, two breaks occur 
in the cathodic polarization curve, /, is represented 
by the current at the second break because it is 
known from experience that iron exposed to soils 
corrodes, as illustrated in b, Fig. 2. The horizontal 
portion of the curve, usually but not always evident, 
probably represents a depolarizing effect due to oxy- 
gen. The fact that no break having any significance 
in the calculation of the rate of normal corrosion of 
iron will occur at a potential more negative than the 
protective potential (—.77 v), served as a guide in 
estimating the magnitude of the cathodic polarizing 
current and, as a consequence, the range of the 
anodic polarizing current. It will be recalled that 
t. F b 


a | , 
= , and also, = — . These relations are 


i a+b b Ke 
fairly well substantiated by substituting appropriate 
values from Fig. 4 into the equations. 

Data obtained for steel in five soils over a period of 
two months are tabulated in Table I. The absolute 
value of the difference between the calculated and 
the actual weight losses averages approximately 3.9 
per cent. The good agreement indicates that the 
innumerable galvanic couples on the corroding steel 
surface can be considered as being statistically equiv- 
alent to a single couple. The polarization of the ele- 
ments of the statistical couple including resistive 
components is represented by the triangle connecting 

 - — ; lo b 
points F,, 2., and E,, Fig. 4. Since ~ = , and 


I, a+b 


» te : 
the average value of — for each soil ranges between 
Pp 


0.78 and 0.88, the data show that the rate of corro- 
sion of steel in these soils is determined chiefly by the 
cathode reaction. 

Further evidence of the direct relation existing 
between 7, and J, is presented in Fig. 5 for electrodes 
3 and 23 (Table I). The curves are linear and can 
be extrapolated back to the origin as shown, thereby 
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demonstrating that the actual absence of a potential 
break, /,, during cathodic polarization is indicative of 
relatively little or no corrosion. This was discussed 
by the authors in a previous paper as a criterion of 
cathodic protection (15). 

Because of the close relation between 7, and J/,, 
the corrosion rate in a given environment can be 
approximately obtained by the use of cathodic po- 
larization data exclusively. This was verified by ex- 
posing two specimens of steel to soil 64 for 2 months. 
The current, /,, was obtained for both specimens by 
running periodic cathodic polarization curves and 
calculating 7, by applying the factor ; = 0.87 (see 

p 
soil 64 in Table I). The average deviation between 
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Fic. 5. Relation between the corrosion current and the 
cathodic polarizing current at the potential break for steel 
in two soils. @ Soil 60 (electrode 3, Table I); O soil 79 
(electrode 23, Table 1). 




















the actual and calculated weight losses for the two 
specimens was 4.4 per cent. 

In the present study no particular difficulty was 
experienced in observing potential breaks. However, 
if in a given environment the total area of the anodes 
is very small in relation to the total area of the 
cathodes, it is possible that such breaks would not 
always be evident in the polarization curves. For 
such conditions the slopes of polarization curves 
may be utilized in obtaining approximate values of 
the corrosion current. 

It will be recalled that the slope of the cathodic 
polarization curve for applied currents greater than 
I, represents the polarizing characteristics of the 
cathode and bears an inverse relation to /,, and, 
therefore, to 7,. Pertinent experimental data are 
shown in Fig. 6. Each point on the curve for any of 
the three soils indicated represents data from a 
separate corrosion cell after exposure of the steel 
(each specimen having the same area) for two days. 
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For each soil various corrosion rates were « itained 


by varying the water content of the soil. The gra. 


dient 4 . 


Al 
through J, and successively greater values of the 
applied current. It will be observed that the applied 
current, /,, is inversely and linearly related to the 
potential gradient. Based on Table I and Fig. 













was calculated for each cell for the Jin. 


v4 


similar relation must exist between 7, and o . Ob- 


viously for the slope of a curve to have any value iy 
estimating /, or i, it would be necessary to have 
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Fic. 6. Relation between J, and the slope r of the ca 


r 


thodie polarization curve for steel. (Note: “He slope of 
A 


the curve through /, and successively greater values o/ 
applied current. Each point represents a separate ele: 
trode.) @—Soil 60; O—=soil 79; A—soil 64. 


obtained previously sufficient potential breaks in the 
same environment to establish the relation betwee 


- and /,. 

Al 

Data having a direct bearing on the significance 
of the slope of polarization curves have been pub: 
lished by other investigators. With reference to ¢a- 
thodically controlled processes (similar to b, Fig. 2), 
Evans and Hoar (1) made polarization studies 00 
anodes and cathodes of iron comprising the elements 
of couples as formed by differential aeration in solu- 
tions of potassium chloride of various concentra- 
tions. For the couples of which the anodes lost ap- 
proximately equal weight over a given period, equal 
potential gradients were reported for the cathodes. 
Higher potential gradients for the cathodes of simi- 
lar couples corresponded to smaller weight losses for 
the anodes. The significance of the slope of polariza- 
tion curves for anodically controlled processes (sim!- 
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lar to |, Fig. 2) is indicated by some recent work of 
Petrocelli (6, 7). While investigating the electro- 
chemical behavior of aluminum in solutions of iron 
sulfate with various concentrations of sulfuric acid, 
Petrocelli observed that the slope of the anodic 
polarization curve was less for the concentrations of 
acid which produced the higher dissolution rates. 

It is evident in Fig. 6 that the slope of a curve 
depends on the properties of the environment. Be- 


AV ' : : ; 1 
cause 7 has the dimension of resistance one might 
A 


; AV 
infer from the relatively large change in slope AV 


of the curve for steel in soil 64 (Fig. 6) that the cor- 
rosion current is determined largely by the resistance 
of the cathodes. By the same reasoning the relatively 


; AV\ , ; 
small change in slope of the curve for steel in 


Al 
soil 60 might be taken to indicate that the resistance 
component is small as compared with the emf com- 
ponent. Because of the extremely high acidity of 
soil 60, no resistance due to film formation would be 
anticipated. 


SUMMARY 


The measurement of the rate of corrosion of a 
metal while exposed to an aqueous-medium depends 
on the evaluation of external direct current, applied 
anodically and cathodically, that is required to re- 
duce the corrosion current to zero. This condition is 
usually indicated by the occurrence of a break in the 
cathodic and the anodic polarization curve of the 
corroding surface, the réspective potentials at the 
break being considered as'statistically equivalent to 
the open-circuit potential of the anode and cathode. 

Steel electrodes were exposed for a period of 2 
months to five soils in specially designed differential- 
aeration cells. Corrosion currents were calculated 
from the breaks in cathodic and anodic polarization 
curves run at periodic intervals during the total time 
of exposure. The deviations of the weight losses cal- 
culated from such electrolytie measurements and 
application of Faraday’s law from the actual weight 
losses averaged approximately 4 per cent. 

Electrolytic measurements indicate that there is a 
relatively fixed relation between the rate of corro- 
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sion of steel in soils and the current required for 
cathodic protection. 

The type of control, that is, the electrode at which 
the rate of corrosion of a metal in an aqueous me- 
dium is controlled, is indicated by the ratio between 
the changes for cathodic and anodic polarization, 
respectively, of the potential of the corroding surface 
when no external current is applied from that exist- 
ing when a potential break occurs. The type of con- 
trol is also indicated by the ratio of the external 
currents applied cathodically and anodically, which 
produce the potential breaks indicating that the cor- 
rosion current has been eliminated by polarization. 

The slopes of cathodic polarization curves of a 
metal of a given area, corroding under cathodic con- 
trol, at applied currents in excess of that required 
to eliminate corrosion in a given aqueous environ- 
ment are shown to bear an inverse relation to the 
current required for cathodic protection and conse- 
quently to the corrosion current. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1953 issue of the 
JOURNAL. 
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were determined at various temperatures. Experimental data were analyzed by as- 
suming that the over-all rate of oxygen reduction is controlled by rate of the chemical 
reaction and by diffusion of oxygen toward the metal surface. It was found that the 
diffusion phenomenon was the predominant factor controlling the over-all rate. The 
influence of the rate of the chemical process was by no means negligible as shown by 


INTRODUCTION 


In a few investigations (1-3) of the influence of 
temperature on the rate of corrosion it was observed 
that the rate increases with temperature to about 
80°C, then decreases because of the low solubility 
of oxygen in aqueous solution at higher tempera- 
tures. In these investigations the over-all effect of 
an increase in temperature was measured, i.e., the 
combined effects of the increase in the rate of oxygen 
or hydrogen ion consumption and the decrease in the 
solubility of oxygen. No data appear to be available 
on the influence of temperature on the rate of oxygen 
consumption by metals in aqueous solution, and the 
present investigation was undertaken to fill this gap. 

EXPERIMENTAL 

The specimen was placed in a closed vessel con- 
taining a solution originally saturated with air. The 
concentration of oxygen was determined at regular 
time intervals by the polarographic method (4, 5) 
using a Sargent manual polarograph, model III. 
Only the first oxygen wave was measured in the cases 
of lead and zine because of interference of the zine 
and lead waves with the second oxygen wave (6). 
In the case of iron, both waves were measured and 
the average height used in the calculation. 
Wave heights were determined by measuring the 


was 


current at two preselected potentials. The solution 
was stirred during the test by a magnetic device 
rotating at constant speed (about 150 rpm). The 
stirrer was stopped during each polarographic meas- 
urement to avoid any interference with the diffusion 
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ABSTRACT 


Rates of oxygen consumption by iron, lead, and zine in an acetate buffer of pH 5.0 


the difference in behavior of the various metals studied in the present investigation. 



























phenomenon at the dropping mercury electrode. \o 
serious error resulted from stopping the stirrer |y 
cause each polarographic determination of the ox) 





gen concentration required less than one minut 
Spilling of mercury on the specimen was prevented 






by collecting the mercury dropping from the capil- 





lary of the electrode assembly in a glass containe: 
(4). The temperature of the cell was kept constant 
within 0.2°C by a water jacket. The edges of the 
specimens were coated with a chlorinated rubbe: 
paint and baked at 110°C for at least four hour 
The exposed area of a specimen was approximatel 










12 em’. The specimens were cleaned with a dete 
gent, then immersed in 6N hydrochloric acid for two 
minutes and finally rinsed with distilled water jus 
before starting an experiment. The same treatmen' 







was applied to zine specimens except that 0.1\ 





hydrochloric acid was used. Lead specimens wer 
cleaned with 3N nitric acid. All tests were carrie’ 
out in an acetate buffer of pH 5.0 which was 0)! 
molar in acetic acid. One drop of a 0.4 per cent alco 







holic solution of methyl red was added to the solu 
tion to suppress the oxygen maximum (6). The vo 
ume of solution used in a test was measured at thr 
end of the experiment. This volume was approx! 
mately 75 ml in each test. 

Examples of oxygen concentration-time curves are 
shown in Fig. 1 for zine. In this diagram, the con 
centrations of oxygen are expressed in per cent of th 










concentration of an air saturated solution at the cor 





responding temperature. Similar results were 0 





tained with iron and lead. 






INTERPRETATION OF EXPERIMENTAL RESULTS 





Change of Concentration and of Rate with Tim 






It is assumed that the consumption of oxygea 
the metal in the present experiments is controlled 
by the rate of oxygen reduction at the metal surlac 
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and by diffusion of oxygen from the bulk of the solu- 
‘ion toward the metal surface. Furthermore, it is 
yssumed that the reduction of oxygen is a first order 
reaction, L.e., that the rate of oxygen consumption 
is proportional to the concentration of oxygen at the 
airface of the metal. Thus 


dN = —kC,~Adlt (1) 


vhere dN is the number of moles of oxygen reduced 
in time dt, Co is the concentration of oxygen at the 
surface of the metal in moles per cm‘, A is the area 
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Fic. 1. Variations of the oxygen concentration in the 
ourse of time for zine specimens at various temperatures. 
Concentration in per cent of the initial value. 
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Fig. 2. Log Co/C vs. time plot for zine at various tem 
eratures. 


f the metal in em’, ¢ is the time in sec, and k is the 
rate constant in em sec 

The number of moles of oxygen diffusing toward 
the metal is (6) 


ae (=) dt (ID) 


Ox 


where D is the diffusion coefficient of oxygen in solu- 
‘ion and x is the distance from the surface of the 
metal. If the solution is unstirred, the concentration 


' oxygen may be calculated (7) by solving the dif- 


erential equation for linear diffusion for the particu- 


at boundary condition obtained by combining equa- 
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tions (1) and (II). In the present experiment this 
method of calculation cannot be applied because the 
solution is stirred, and consequently the only alter- 


en aC : 
native is to express the gradient ¢ ) in terms 
A |) 
of the thickness of the diffusion layer (8, 9, 10). 
Converting dN into a concentration term gives a 
differential equation whose solution is 


‘a am Coe k(D/ D+ké)(A/ V)t (IIL) 


where Cy is the initial concentration of oxygen, V 
the volume of the reaction vessel, and 6 the thick- 
ness of the diffusion layer. 

Equation (III) shows that the concentration of 
oxygen decreases exponentially with time (see 
Fig. 1). Furthermore, the logarithm of the ratio 
(o/C should be proportional to time ¢. Fig. 2 shows 





























s 3 
7 * 10 
: . ; te 3 kD 
Fig. 3. Logarithm of specific initial rate C)A 
D + ké 
(Co = 1 mole per em’, A = 1 em*) as a function of reciprocal 


of absolute temperature. 


that this is the case. Similar results were obtained 
with lead and iron. 

In the present treatment it was assumed that the 
area, A, of the specimen remains constant during 
the experiment. Consequently, this implies that the 
metal does not become covered with a film of in- 
soluble material during the experiment. Fig. 2 shows 
that this is not entirely true since the line log Cy/C 
time exhibits a slight curvature near the origin. 

From equation (II1) one obtains the rate 


.. 
“D+ ke‘ 


pau Cl { kh CD] D+kS) (A/V )t 
= 0- ° 


(IV) 
Influence of Temperature 


The influence of temperature on the specific initial 
rate vy = ~ [see equation (IV )] depends greatly 
0 D+ ke é S greatly 

on the values of the terms D and k. If the rate con- 
stant & is such that 46 is small in comparison with 


D, the over-all rate is mainly controlled by rate of 
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the chemical reaction. Under these conditions a plot 
of log vw vs. 1/7 will yield an energy of activation 
which is likely to exceed 10,000 calories. On the other 
hand, if k is such that D is negligible in comparison 
with ké, the process is essentially controlled by the 
diffusion of oxygen, and a log » vs. 1/7 plot will 
yield an energy of activation of a few thousands 
calories (11). In the case of mixed control, inter- 
mediate values of the energy of activation will be 
obtained. 

Data obtained with iron, lead, and zine were ana- 
lyzed in this manner and the results are shown in 


Fig. 3. The corresponding energies of activation are: 
1570 cal for iron, 5180 cal for lead, and 3410 cal 
for zine. 


CONCLUSIONS 


The values of the energy of activation obtained 
for the reduction of oxygen on iron, lead, and zine 
indicate that the over-all rate of the reduction proc- 
ess is controlled mainly by diffusion of oxygen to- 
ward the metal surface. However, the influence of 
the rate of the chemical reaction is by no means 
negligible as shown by the fact that the relative 
increase of the over-all rate with temperature varies 
from one metal to another. This is to be expected 
since the following two factors which control at least 
partially the rate of oxygen consumption vary from 
one metal to another: (a) the overvoltage for oxygen 
reduction (4); (b) the overvoltage, if any, for the 
anodic oxidation of the metal. The energy of activa- 
tion corresponding to a process controlled wholly by 
rate of the chemical reaction cannot be determined 
with the present technique. It appears that such a 





determination would be a very arduous ta-|! 


the 


low 


K Since 
concentration of oxygen in solution 5 rath 
about 9 mg/l at room temperature—:nd that 


concentration polarization could not easily }, 
avoided. 
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ABSTRACT 


Electrode potential measurements and weight loss corrosion tests indicate that air or 
low concentrations of certain dissolved metals passivate titanium in hydrochloric acid 
solutions and that passivity is accompanied by more noble electrode potentials. Air 
passivates titanium in acid up to 3N. Two hundred mg/1 Cu** is effective in 10N hydro- 
chlorie acid and 2 mg Cu** passivate titanium in 5N acid. The more noble electrode po- 
tentials indicate that a reaction involving oxygen, metal ions, or ions containing oxygen 
takes place at the passive surface but there is no visible deposit on, or change in, the ap- 
pearance of the surface except for an occasional slight tarnish. Titanium in contact with 
small volumes of stagnant 10N hydrochloric acid containing 200 mg/l Cu** loses its 
passivity after a period of time. This time interval seems to be directly proportional to 
the ratio of solution volume to specimen area and the loss of passivity is attributed to the 


presence of atomic hydrogen. 


INTRODUCTION 


At room temperature, either aeration or metal 
ons in concentrations of 0.00003 to 0.003 moles /| 
ause titanium metal to become passive in hydro- 
hloric acid solutions up to 10N in concentration. 
(he passivating effect of metal ions seems to be re- 
ated to their oxidation-reduction potentials. Pas- 
‘ivity is destroyed under certain conditions. 

Preliminary experiments indicated that titanium 
is sometimes passive and that the passivity is of the 
type that is accompanied by noble electrode poten- 
tials (1). For example, titanium did not corrode 
rapidly enough in either 1N hydrochloric acid or 
|.1N sulfuric acid contained in open beakers to be 
detectable by visual observations and the electrode 
potentials were 0.05 and 0.1 to 0.2 v (referred to 
standard hydrogen electrode), respectively. On the 
ther hand, titanium corroded rapidly in both 7.5N 
hydrochloric acid and 2.2N sulfurie acid and the 
orresponding electrode potentials were about —0.39 
and —0.33 v, respectively, Titanium did not cor- 
rode in 3 per cent sodium chloride solutions and the 
electrode potentials in sealed bottles with flow of air 
or helium were 0.44 v and 0.11 v, respectively. These 
electrode potentials are the steady-state values, at- 
tained after immersion, that may vary from a frac- 


‘Manuseript received November 30, 1951. Abstracted 
‘rom a dissertation by David Schlain to the Graduate 
school, University of Maryland, May 1951, in partial ful 
llment of the requirements for the degree of Doctor of 
Philosophy. The authors have kindly consented to a delay 
i publication so that this paper may appear in the special 
Vorrosion Issue. 


tion of one hour to many hours. The steady-state 
values vary with the solution and conditions of aera- 
tion but seem to be substantially the same for un- 
abraded surfaces, abraded surfaces, and abraded and 
aged surfaces. However, the initial electrode poten- 
tial of a specimen immersed in a solution depends on 
the pretreatment of the surface. 

Corrosion studies (2-4) show that titanium is 
often chemically inert relative to its position in the 
electromotive force series (5). Recent work indicates 
that titanium has noble electrode potentials in low 
concentrations of hydrochloric and sulfuric acids and 
is resistant to these solutions (6). Titanium has less 
noble electrode potentials in hydrofluoric acid solu- 
tions and is attacked rapidly; metal ions increase 
the corrosion rate (7). Other investigators recently 
reported that the corrosion of titanium in boiling 
10 per cent solutions of hydrochloric and sulfuric 
acids is greatly reduced and the electrode potentials 
of the metal made more noble by the presence of 
copper or iron ions in concentrations of 0.005 to 0.03 
mole/liter (8). The corrosion rate of stainless steel in 
sulfuric acid is affected in a similar manner (9). 

The present study is concerned with the effect of 
air and various metal ions on the electrode poten- 
tials and corrosion rates of titanium in various con- 
centrations of hydrochloric acid at room tempera- 
ture. 


EXPERIMENTAL MetrHop 


The experimental work included electrode poten- 
tial measurements and corrosion tests. All work was 
done at room temperature (20°-28°C) and most ex- 
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periments were carried out in tightly stoppered bot- 
tles with a constant flow of air or helium; some work 
was done in stagnant solutions. Hydrochloric acid 
and water that had been heated to boiling and Grade 
A helium (99.9 + per cent pure) were used in all 
experiments. Fresh solution and new titanium speci- 
mens were used in each experiment. Gas was passed 
through the solution for about | hour before im- 
mersion of the metal specimen and continuously 
throughout the experiment except in the stagnant 
solution tests. The rates of flow, approximately 500 
ml/min for air and 100 ml/min for helium, were 
measured with rotameters. Experiments indicated 
that gas rates were not critical. Helium was passed 
through water bottles before going to the specimen 
bottle while air was passed through 3 per cent so- 
dium hydroxide solution, water bottles, and a spray 
trap. Acid depletion was prevented by passing the 
gas through preliminary acid bottles. The titanium 
metal used in this work was produced in Bureau of 
Mines laboratories by a modification of the Kroll 
process (10) and consolidated by powder metallur- 
gical techniques (11-13). Compacts were reduced to 
sheet stock on a schedule involving many annealing 
and rolling operations. The metal was cut to size, 
edges rounded, and then annealed in vacuum at 
900°C for 2 hours. Just prior to immersion, speci- 
mens were washed’ with carbon tetrachloride and 
surfaced with No. 1 metallographic paper. 
Electrode potentials were measured with an L and 
N type of K-2 potentiometer, a saturated calomel 
electrode, and a saturated potassium chloride bridge. 
The apparatus was arranged to measure the poten- 
tial for the whole specimen surface rather than for 
a particular point. The titanium specimens were 
16.5 em long, 0.64 em wide, and approximately 0.13 
em thick, and about 7.6 em of the length was in 
contact with solution. The bottles contained 160 ml of 
solution. The specimens were protected at the solu- 
tion-gas-interfaces by enclosing them, prior to im- 
mersion, in wax-filled glass tubes which passed 
through the stoppers and extended to a point below 
the solution-gas-interfaces, forming gas-tight seals 
and permitting external electrical connections with- 
out interface effects. The first electrode potential 
reading was obtained as soon as possible after im- 
mersion and then readings were taken at intervals 
determined by the rate of change of the electrode 
potential. The experiment was continued at least 
until the potential reached a steady-state value. The 
electrode potential of the saturated calomel cell with 
reference to the standard hydrogen electrode was 
taken as 0.246 v, 
made, and 


no temperature correction was 

the electrode potential 

rounded off to the nearest 0.01 v. 
Corrosion rates were studied by means of 3-day 


values were 
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weight-loss tests using titanium specimens 84 em 
long, 0.64 em wide, and 0.13 em thick. T) speci. 
mens were totally immersed in 400 ml of solution. 
in such a manner that one end rested at the bottom 
of one side of the bottle while the other en rested 
about 3.8 cm up on the opposite side. Stagnant sol. 
tion tests were carried out in loosely covered vesse|x 
using metal specimens of the dimensions given above 
and solution volumes that varied from 400 to 10 mj 
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Fig. 1. Time-potential curves for titanium in pure hy 
drochlorie acid solutions, flow of helium about 25°C 
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Fic.2 Time-potential curves for titanium in pure hydro 


chloric acid solutions, flow of air about 25°C. 


SINGLE ELECTRODE POTENTIALS 

The electrode potentials of titanium in pure hydro- 
chlorie acid solutions were measured in atmospheres 
of helium or air. Typical time-potential curves are 
plotted in Fig. 1 and 2. Presumably, the electrode 
potential becomes more positive (noble) as the sur- 
face film is built up and more negative (less noble 
as it is destroyed. The rapidity with which the 
steady-state value was reached varied widely with 
conditions. This value was attained very quickly 
in strong acid solutions and more slowly in LY 
solution. Three N acid with a flow of air seems t0 
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provide a borderline condition between passivity 
and activity. The electrode potential appeared to 
drop aud rise several times before reaching a steady- 
state value. In helium, the steady-state values were 
between —0.30 v and —0.39 v in acid concentrations 
from | to LON, while in air the value was approxi- 
mately 0.05 v between 1 and 3N acid, dropped 
quickly to —(0.27 v between 3 and 4N, and then 
more slowly to —0.39 v in 10N acid. The presence of 
air in solutions of low acid concentration seems to 
result in film-repairing conditions. Values obtained 
in the presence of air are in good agreement with 
those of Straumanis and Chen (6) for 4 to LON acid 
solutions but are less noble for lower concentrations. 
Commercial hydrogen seems to have an effect similar 
to helium. In 1N hydrochloric acid the electrode 
potential of titanium was —0.11 v 3.20 hr after 


TABLE I. Effect of dissolved metals on electrode potential 
of titanium in IN hydrochloric acid, 0.0032 mole metal pe: 
liter, flow of helium or air (referred to standard hydrogen 


electrode ) 


Helium Air 
Dissolved 
metal Electrode Total immer Electrode po Tota! immer 
potential v sion time, hr tential v sion time, hr 
Au 0.90 24.1 0.91 45.0 
Cu 0.58 2.7 0.58 40.9 
Pt 0.48 50.6 0.48 74.8 
Fe 0.30 44.8 0.42 46.6 
Hg 0.29 47.6 0.30 69.5 
Zn 0.12 25.7 0.30 20.6 
Co 0.12 121.9 0.23 24.6 
\] 0.04 24.5 0.15 25.4 
Mg 0.04 15.1 0.16 94.5 
None 0.31 $3.0 0.05 270.0 


immersion; this was not the steady-state. Arc-melted 
titanium is similar to the powder metallurgy product 
in acquiring a more noble electrode potential in the 
presence of air. The electrode potential in 1N hydro- 
chlorie acid was —0.24 v after 23.9 hr immersion 
with flow of helium and 0.08 v after 19.4 hr immer- 
sion with flow of air. 

The electrode potentials of titanium were meas- 
ured in LN hydrochloric acid solutions each con- 
taining 0.0032 mole of a dissolved metal per liter. 
The metals were added to the acid solutions as 
chlorides in the following oxidation states: platinum 
t; gold and aluminum 3; mercury, zinc, cobalt, 
magnesium, and copper 2; iron in the ratio of | 
part Fe** to 60 parts Fe*+. The data in Table I 
show that dissolved metals make the electrode po- 
tentials of titanium specimens immersed in 1N hy- 
drochlorie acid more electropositive (noble) without a 
\.sible deposit either on the specimen or in the solu- 
tion. Time-potential curves obtained with a flow of 
heliiim are given in Fig. 3; the curves for air were 


PASSIVITY OF TITANIUM IN HCl 419 


quite similar in shape and were omitted for the sake 
of brevity. Gold, copper, platinum, and mercury ions 
cause the steady-state electrode potential to be 
reached more quickly than with zinc, aluminum, 
cobalt, or magnesium ions. Iron ions act more quickly 
in helium than in air. Gold, copper, platinum, and 
mercury ions have the same effect in air and helium 
while the other ions have more effect in air. In 
general, the more noble metals have greater effects 
on the electrode potential of the specimen. Lron, with 
a standard electrode potential of —0.440 v (14), is a 
notable exception. Perhaps the pertinent reaction 
in this cases is Fet++ = Fe+*+++e, with B° = 0.771 v. 
Apparently the presence of air increases the propor- 
tion of ferric iron which in turn materially increases 
the electrode potential. The action of zinc, cobalt, 
aluminum, and magnesium as more noble metals 
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Fic 3. Effect of dissolved metals on electrode potential 
of titanium in LN hydrochlorie acid, 0.0032 mole metal/I, 
flow of helium about 25°C. 


may be the result of their association with oxygen 
from water or air. 

Titanium specimens immersed in pure LN hydro- 
chloric acid with a flow of helium corroded at an 
appreciable rate as indicated by the dull appearance 
of the surfaces. Each of the dissolved metals used in 
these experiments decreased the corrosion rate suffi- 
ciently to preserve the bright and shiny appearance 
of the specimens. 

Experiments with 0.0032 mole (200 mg) of copper 
ion per liter show that the steady-state values for 
the electrode potentials of titanium in hydrochloric 
acid solutions vary only slightly with acid concentra- 
tion in either air or helium (2N 0.58 v; 5N 0.65 v; 
10N 0.52 v). In very strong acid solutions the elec- 
trode potentials become less noble with immersion 
time. However, this change is very slow. For ex- 
ample, in 10N acid (helium) the electrode potential 
was 0.45 v after 45 hr immersion. With a flow of 
hydrogen, the electrode potential was 0.55 v 3.77 hr 
after immersion in 10N acid containing 200 mg/] 
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Cutt. In acid concentrations of 7N and less the 
specimens always remained bright and shiny 
throughout the experiments. In stronger acid solu- 
tions, the immersed areas of the specimens some- 
times acquired a slight tarnish. In very strong acid 
solutions, corrosion tended to start in any sheltered 
areas that came in contact with solution because of 
imperfect wax seals. For this reason small corroded 
areas often appeared under the glass sleeves although 
there was no general corrosion. Falling (less noble) 
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Fic. 5. Effeet of copper concentration on electrode po- 
tentials of titanium in hydrochloric acid solutions, flow of 
air about 25°C. 


electrode potentials may have been the result of 
these corroding areas. 

Measurements made in solutions containing less 
copper show that the electrode potentials become 
more negative (less noble) in both air and helium 
atmospheres as the copper concentration is decreased 
(Fig. 4 and 5). Two mg/l Cu** was sufficient to 
make the electrode potential very positive in 1N 
acid but it required 20 mg in 5N and 200 mg in 10N. 
Smaller amounts of copper may make the potential 
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noble temporarily. For example, with 10N acid and 4 
flow of helium, 20 mg of copper maintained , DOsi- 
tive potential for about 3 days but eventu: ly the 
potential became electronegative (less noble). Elec. 
tronegative potentials always indicated general eoy. 
rosion. 









CorROSION RATES 






Titanium corroded uniformly and without pitting 
in pure hydrochloric acid solutions and a flow of 
helium. Average rates for 3-day periods were 
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Fic. 6. Titanium specimens after 3-day corrosion tests 
about 25°C. 

A. Pure 3N HCl, He 

B. Pure 3N HCl, Air 

C. Pure 5N HCl, He 

D. 5N HCl, 2 mg Cu, He 

E. Pure 10N HCl, He 

F. 10N HCl, 200 mg Cu, He 










follows, in mdd?: 1N 4.5, 3N 20, 5N 53, 10N 920 
These corrosion rates were all sufficiently high to du 
the metal surfaces. Air decreased the rates of attack 
by 90 per cent in LN acid and by 85 per cent in 3.\ 
but had no appreciable effect in the more conceb- 
trated acid solutions. With a flow of air, the speci- 
mens remained bright and shiny in IN acid and be- 
came very slightly dull in 3N solution during the 
3-day tests. The presence of 2 mg/! Cu** in acids up 
to 5N in concentration (with a flow of either helium 
or air) decreased corrosion to 0.46 mdd, or less. 
Twenty mg/l Cu**+ decreased the rate of attack in 
10N acid with flow of helium to less than 44 that in 
pure acid and 200 mg/| almost eliminated corrosio! 
(2.7 mdd). The corrosion rate for arc-melted titanium 
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in pure oN hydrochloric acid with a flow of air was 
97.7 md: and the addition of 20 mg/I Cu** decreased 
the corrosion rate to 0.47 mdd. 

Specimens for which the corrosion rates were 2.8 
mdd or less, either because of the presence of air or 
jissolved copper, were bright and smooth at the end 
of the 3-day period and no change in the original 
appearance of the titanium could be detected by 
visual examination (Fig. 6). Spectrographic and fluo- 
rageent X-ray spectrographic analyses failed to show 


TABLE IL. Effect of dissolved copper on corrosion rates of 


titanium in stagnant hydrochloric acid solutions 


Solution Weight loss* 
«= | Length ; 
E* of Duration of 
S xa » _ 4 ivitvt de 
= Copper, | = test, | Total, passivityt days 
2 . an day mddt 
= meg ‘E mg 
bs Sa 
7 > 


1 none | 400 (63.18 | 12.6 1.6 Intire experiment 
25 54.08 0.2 0.031 Entire experiment 

2 400 63.18 0.2. 0.031) Entire experiment 

20 «©4000 (63.18 0.1 0.016 Entire experiment 

200 | 400 63.18 0.0 0.00 Entire experiment 


5 none 400 | 3.5388) 27.1) 59.4 0.00 
2 100 | 3.540 34.1) 74.5 0.00 
25 | 2.406) 18.7) 60.2 0.00 

20» 400 (63.21 1.5 0.16-| entire experiment 

25 54.08 1.2. 0.16 Entire experiment 


10 39.08 | 0.8 0.16 | Entire experiment 
200 100 63.18 1.2 0.16) Entire experiment 
25 54.10 0.8 0.11 | Entire experiment 


10 none 400 3.502.544.51195. 0.00 
2 100) 3.545 564.8 1236. 0.00 
20 400 | 3.545/473.7/ 1035. 0.00 
200 400 63.18 | 9.1) 1.1 | Entire experiment 
75 | 2.780 >2.0 <2.8 
25 | 2.443) 58.9 >is. <2.0 
10 0.88 >0.1 <0.3 


* Original weight of specimen 2.9 to 3.2 g. 
+ Corrosion rates are average for the test periods. 
t Based on absence of visible gas evolution. 


significant differences between the copper contents 
of titanium specimens immersed in !ON hydrochloric 
acid containing 200 mg/] of copper ion with a 
flow of helium for 3 days and specimens that were not 
immersed. 

The tendency for titanium to be corroded by very 
‘oncentrated hydrochloric acid solutions in areas 
‘heltered from the effects of circulating gases led to a 
‘eries of corrosion tests in stagnant solutions. These 
lata (Table Il) show that the average corrosion 
‘ates for titanium in 400 ml of solution is approxi- 
nately the same in stagnant solutions as it is with a 
‘low of helium. But when titanium specimens of the 
‘ame size are in contact with smaller volumes of 
‘tlagnant LON acid containing 200 mg/| Cu*+ pas- 
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sivity breaks down in about 0.2 day in 10 ml of 
solution and 2.5 days in 75 ml. Apparently, this does 
not occur in 5N acid containing 20 mg/l Cutt. 
The loss of passivity may be related to the presence 
of reaction products in the solution, possibly atomic 
hydrogen. 


SUMMARY 


Electrode potential measurements and corrosion 
data show that titanium is passive in hydrochloric 
acid solutions in the presence of air or copper ion in 
spite of the fact that the chloride ion is generally re- 
garded as being destructive to passivity in metals. 
Copper is a particularly effective passivator and, 
even in small concentrations, makes the electrode 
potential of a titanium specimen more noble and 
greatly decreases the corrosion rate. A low corrosion 
rate and a noble electrode potential always occurred 
together but, when titanium was active, changes in 
acid concentration sometimes caused large changes 
in corrosion rates with little variation in the corro- 
sion potentials. Other dissolved metals also cause the 
electrode potentials of titanium specimens to become 
more noble. In general, the more noble metal ions 
raise the electrode potentials of the specimens by 
greater amounts. There is reason to believe that the 
increase in potential is a measure of the capacity of 
the dissolved metal to decrease the corrosion rate of 
titanium although conclusive evidence is not avail- 
able. 

When titanium specimens are placed in contact 
with small volumes of stagnant solution containing 
10ON hydrochloric acid and 200 mg/] Cu** with only 
limited contact between the solution surface and the 
outside atmosphere, passivity breaks down after a 
period of time. This time interval seems to be pro- 
potional to the ratio of the solution volume to speci- 
men area, being about 0.2 day for a solution volume 
of 10 ml per 12.9 cm? of specimen area and more than 
2 days for 75 ml per 12.9 em*. This loss of passivity 
does not occur with 5N acid even with only 20 mg/| 
Cu**. The loss of passivity is attributed to the 
presence of atomic hydrogen. However, ordinary 
commercial hydrogen does not destroy passivity but 
merely keeps the specimen from contact with air, just 
as helium does. 

When titanium is passivated by air or dissolved 
metals, there is no visible deposit on or change in 
the appearance of the surface except for a slight 
tarnish under certain borderline conditions. The in- 
creased nobility of the electrode potentials indicates 
that a reaction involving oxygen, metal ions, or ions 
containing oxygen takes place at the surface. In the 
case of air there may be a thin, invisible layer of an 
oxygen compound of titanium on the surface which 
requires oxygen for repair and is quite soluble in acid 
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more concentrated than 4N. When copper ions are 
present in the solution, copper may precipitate on 
large areas of the titanium surface forming an in- 
visible film and thus tend to stifle the formation of 
titanium ions (corrosion). In LON hydrochloric acid, 
the tendency of titanium to dissolve may be greatest 
and perhaps the passivating effect of copper is de- 
créased by more complex ion formation. At any 
rate, some atomic hydrogen is probably liberated as 
is indicated by the appreciable corrosion rate (2.7 
mdd). If this hydrogen is swept from the solution 
by the passage of a gas, it may not affect the passivity 
of the metal but, if the solution is stagnant and the 
volume relatively small, hydrogen may destroy pas- 
sivity. 

Cobb and Uhlig (8) indicated that copper or iron 
ions decreased the corrosion of titanium in boiling 
10 per cent hydrochloric acid, the titanium speci- 
mens acquired a colored film, and copper ions were 
consumed by the formation of insoluble oxides or 
basic chlorides. In the present investigation, passi- 
vated specimens did not undergo a change in appear- 
ance and no precipitation of copper compounds was 
detected. These differences may be the result of lower 
temperatures and lower corrosion rates. Straumanis 
and Chen (7) have shown that metal ions increase 
the corrosion of titanium in hydrofluoric acid. The 
data presented above prove that metal ions have 
the reverse effect in hydrochloric acid. 
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Inorganic Corrosion Inhibitors in Acid Solution’ 


Ceci, V. Kine, Emit Goupscumipt, AnD NATALIE MAYER 


Department of Chemistry, New York University, New York, New York 


ABSTRACT 


In dilute hydrochlorie acid with excess potassium nitrate as a depolarizer, iron, zinc, 
and cadmium dissolve at, or nearly at, a maximum rate controlled by the rate of con- 
vection and the speed of diffusion of the hydrogen ion. The dissolution rates of these 
metals may be reduced to comparatively small values by addition of dichromate, molyb- 
date, or tungstate. With very pure iron and zine the dissolution rate in the presence of 
dichromate can be reduced still more by the addition of a soluble fluoride. While none of 
the solutions used are highly protective, the experiments described are of aid in inter- 


preting the mechanism of inhibition. 


INTRODUCTION 


It has long been known that the corrosion of iron 
in neutral solutions is inhibited by soluble chromates. 
Recently, Hackerman and Hurd (1) have shown that 
dichromate may be effective in dilute air-free acetic 
acid solutions. Robertson (2) has found that molyb- 
date and tungstate, in neutral solution, are about as 
effective as chromate. Theories of the action of 
chromate have been reviewed briefly by Mayne and 
Pryor (3), and Robertson’s conclusions regarding 
molybdate and tungstate have been discussed by a 
number of investigators (4). 

For the experiments described below, a highly cor- 
roding solution of hydrochloric acid and potassium 
nitrate was chosen as a standard medium to use 
throughout. It has been shown by Abramson and 
King (5) that pure iron dissolves in this mixture at a 
rate controlled by diffusion of acid to the surface, for 
any given stirring speed. It is believed that the metal 
is initially attacked by the hydrogen ion, and that 
nitrate ion “depolarizes” the surface by reoxidizing 
adsorbed atomic hydrogen; it must be admitted that 
this process is kinetically indistinguishable from ini- 
tial atack by nitrate ion. In any case it was desired 
to find whether metals could be protected against 
the action of a powerful depolarizing agent. If in- 
l.vition is due either to adsorbed or thicker in- 
soluble films, imperfections in the films should show 
up much more quickly than in the usual corrosion 
experiments. Further, chloride ion is thought to be 
especially injurious to protective films. 


EXPERIMENTAL 


Metal cylinders were mounted on a suitable shaft, 
with the ends protected, and rotated in all experi- 


‘Manuseript received April 15, 1952. The authors have 
xindly consented to a delay in publication so that this pa- 
per ay be included in the special Corrosion Issue. This 
work was done in part under U. 8. Atomic Energy Commis- 
sion Contraet No. AT (30-1)-816 with New York University. 
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ments at a peripheral speed of 10,200 + 100 em/min 
in 250 ml of solution at 25° + 1°C. The cylinders 
were cleaned and polished with fine carborundum 
paper before each run, and after the run were rinsed 
with water, wiped with wet filter paper, rinsed with 
ethanol, dried in the air, and weighed. Rotational 
speeds were measured stroboscopically. Two cylin- 
ders of high purity iron? were used. Two samples of 
zine were used, one of reagent grade (Zn, FR), the 
other of ‘Special Purity” (Zn, SP).2 The cadmium 
was of best commercial grade. Weight losses in the 
standard corroding solution can be reproduced to 
+ 0.2 mg. Low rates (5 mg or less per 5 min) can, in 
general, be reproduced to + 0.1 mg. Rates in solu- 
tions containing molybdate or tungstate depend on 
the time elapsed after mixing the solutions. 

1. Diffusion control: Table I gives the average 
rates obtained in the standard corroding solution. 
Under these conditions a number of metals and other 
solids dissolve at approximately the same rate in 
terms of equivalents per cm? per min (6). Minor 
variations may be due to different effects of the 
products on the diffusion coefficient of the acid, re- 
action of solvent (water) with the clean metal, or to 
retarding films on all or part of the surface. 

2. Inhibition: Table II shows the effect of dichro- 
mate, molybdate, and tungstate on the dissolution of 
iron in the HCI-KNO; medium. 

It is evident that dichromate has considerable 
inhibiting power at concentrations of 10~* or higher. 
At lower concentrations the color disappears in less 
than five minutes, indicating complete reduction of 
the dichromate. At 10-*M and above, reddish yellow 
films coat the metal and cannot be wiped off. Evans 
(14) has stated that, in dilute sulfuric-chromic acid 
mixtures, an excess of chromic acid accelerates the 


?Svea metal supplied by the Swedish Iron and Steel 
Company, New York. Analysis given, 99.92-99.96 per cent 
iron. 

* From the New Jersey Zine Sales Company, New York. 
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attack on iron. Table II shows that, in the HCl- 
KNO, mixtures, inhibition reaches a maximum at 
5 & 10°-*M dichromate. 

Freshly mixed solutions of tungstate, of sufficiently 
high concentration, give the best inhibition in these 
short runs. The metal acquires a gray sheen with no 
visible film. If the iron is allowed to stand in the 
solution with no stirring, a film of blue solution 
slowlt forms at the surface and sinks to the bottom 


TABLE I. Dissolution rates in 0.02M HCl, 0.06M KNOQOs, in 
equivalents cm™* min™ at 25°C. Peripheral speed 10,200 
1 


cm min Veasured by weight loss in 5 min runs 


Metal Fe Zn, SP | Zn, R Cd 


Rate XK 10° 2.21 | 2.57 | 2.41 | 2.68 


TABLE IL. Weight loss of iron cylinders in 0.02M HCl, 
006M KNO, with added dichromate, molybdate, and 
tungstate. Cylinders 3.19 cm long, 1.85 cm in diameter 


Wt loss, mg in 5 min 


Cinhib, M 
K:CrO NH4)2MoO. Na:WO, 
0 59.3 59.3 59.3 
x 3. 54.5 54.2 11.8 
2x 10% 52.8 
xa 5.3 42.6 6.8* 
5 xX Iv? 3.4 
x 10? 1.8 11.6t 3.5 
5 xX 10? 7.7 0.7 


* On standing some tungstic acid is precipitated and the 
inhibition is less. After several hours an identical solution 
dissolved 15.0 mg. 

t Solution becomes blue. 


TABLE ILL. [ron cylinders at 10,200 cm min™' in 0.02M HCl, 
0.06 M KNO,,. Effect of sodium fluoride 


Wt loss, mg 


Cnar, M Time, min 
0.01M 0.01M 0.01M 
K2CrO NHa)eMoO, Na2WO, 
0 5 4.8 11.6 3.5 
0.001 5 0.3 
0.01 5 0.0 
0.01 15 0.2 
0.01 60 2.2 72 18 
0 60 31.3 


of the vessel. On stirring, the blue color disappears. 
The color is due to a colloidal reduced oxide or acid 
of tungsten (7). 

As a test of commercial inhibitors, Reilly types 22 
and WD 33 were used, in the proportion of 0.3 ml to 
250 ml of the standard HCI-KNO, solution. These 
reduced the dissolution to 1.1 to 1.6 mg in five 
minutes. 

33. The effect of fluoride: Since, in forming a pro- 
tective film on iron, it may be undesirable to have 
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free ferric and chromic ions in the neighborhood F 
the metal surface, sodium fluoride was added to ;}, 
corroding solutions. Very stable complex iors ep." 










































Dy 
and CrF, are formed, from which the oxides eanyo; 1 
be precipitated. Table III shows that the fluori) I Au 
has considerable effect on dichromate inhibition, vell 
A small amount of tetra sodium ethylene diamin. ME red 
tetracetate (0.2 ml Versene Fe-3 in 250 ml) added, Mm filn 
the dichromate solution of Table IIT gave 13 my Hi wa 
dissolved in 60 min. Addition of 0.01M fluosilicat, < 
gave 20 mg in 60 min. twe 
4. Experiments with zine and cadmium: The mos SP 
interesting experiments are summarized in Table [\ me 
TABLE IV. Zine cylinders 1.88 x 2.49 em cadmium cylin, alt 
1.92 x 2.30 cm, rotated at 10,200 cm min™'. 0.02M HC} aci 
0.06M KNOs,, five minute runs except as noted - 
Wt loss, mg sol 
Inhibitor 
Zn, SP Zn, R Cd ple 
on 
None 61.9 57.9 103.6 
0.01M K,Fe(CN)« 1.1 0.9 1).2 , 
0.01M (NH,)sMo0, 36.1 38.8 67.3 ” 
Same + 0.01M NaF 18.9 lok 
0.01M NasWO, 13.2 13.6 26.0 al 
Same + 0.01M NaF 3.8 h 
0.01IM K.Cr.O, 3:3 3.3 me 
Same + 0.01M NaF. 0(120 min)* | 1.6(20 min) | 3.6 (5 mi hg 
* Lost 6 mg in 24 hr, 57 mg in 96 hr. m 
i 
DIscUSSION HI 
It is first of all evident that adsorbed oxygen o 7 
air-formed oxide films are of very little protection 1) . 
this acid-nitrate solution. The slightly lower dis 3” 
solution rate of iron as compared to zine and cad it 
mium may indicate that a small amount of retarding . 
film is present in this case. Since the ecid concentra ul 
tion falls to a very low value at the metal surfac 
when the rate is diffusion-controlled, oxides migh' p 
be expected to precipitate; if they do, they ar : 
quickly redissolved by the acid. Nitrate is evidently @ 4 


incapable, under the present experimental condition 
of forming the kind of oxide which is adherent ani 
which resists dissolution in acids. 

It must be remembered that anything added \ 
the HCI-KNO, solution will lower the dissolution 
rate if it diminishes the rate of diffusion of hydroge! 
ion. Thus 0.01M sodium fluoride alone lowers the 
rate about 30 per cent for all the metals, simp! 
beeause part of the hydrogen ion is removed to form 
molecular HF, which has a smaller diffusion coefli- 
cient. Dichromate probably has a small effect on the 
diffusion rate. Tungstic acid reduces the hydroge! 
ion concentration and tends to form a colloid whieh 
may partly inhibit by adsorption. 

Any reagent which forms a precipitate on the 
metal surface will mechanically diminish the rate 
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Thus, sall amounts of hydroxyquinoline, ferri- or 
errocyauides, ete., lower the dissolution rate of iron 
by 25 to 75 per cent. 

‘In all solutions containing dichromate but no 
quoride, the metals acquired films containing some 
vellow color. On iron, this was a dull yellow-gray or 
wod-vellow. On zine, with 10-*M dichromate the 
film was gold-yellow and with 10-°M dichromate it 
yas streaky brick-orange. Small! amounts of fluoride 

<10-*M) did not affect the color much, but in the 
rwo cases of best inhibition (iron, Table III, and Zn, 
sP, Table IV) no colored film appeared and the 
metal retained its shiny appearance. 

The gold-yellow films no doubt consist of zine 
and cadmium chromates. These salts are soluble in 
acids and could not form unless the pH attained a 
suitable value at the metal surface. Evidently any 
olution which slowly penetrates these films is com- 
pletely neutralized ; the films are continually repaired 
on the inside, while dissolving away on the outsice. 

Evans (8) suggested that chromate acts on iron 
by repairing discontinuities in an originally air- 
formed film, while causing the film to thicken. Hoar 
and Evans (9) suggested that two oxides (ferric and 
chromic), produced at a weak point, will have a 
more effective plugging action than one. On the other 
hand, Mayne and Pryor (3) found that iron speci- 
mens, cleaned in hydrochloric acid and passivated 
n potassium chromate or chromic acid without ex- 
posure to air, acquire a film of pure y-Fe.O,;. They 
suggest that this film is formed by direct oxidation of 
ron on the surface, not by dissolution followed by 
precipitation. Cohen (13) has found that similar 
films of pure Fe,O ; are formed by the action of sodium 
nitrite, in neutral solution. Such films are insol- 
uble, or only very slowly soluble, in dilute acids. 

The present experiments suggest that the ex- 
planation of Mayne and Pryor (3) is most nearly 
correct for best inhibition by chromate or dichromate. 


| Nitrate does not attack the iron directly; dichromate 


does, probably with preliminary adsorbtion followed 
by direct oxidation of iron to Fe:O,. However, re- 
actions similar to the following 


Fe+ Cr.0OF + 14H+ > 2Fet+++ 4+ 2Cr+++ + 7H.O 


tan also take place. It appears that chromic or 
lerric oxides, formed by precipitation from ions which 
get into solution, are only a hindrance to formation 
fa really protective film of iron oxide, and are more 
easily soluble than the oxide formed by surface 
reaction. Further, chromic and ferric ions can them- 
elves dissolve iron, without using up hydrogen ions. 
The complex fluoride ions do not have sufficiently 
high oxidation potentials to react with iron, nor can 
the oxides be precipitated from them. The pure 
metals, at least, should have no permanent anodic 
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and cathodic surface areas of significant potential; 
hence the dichromate can, in the presence of fluoride, 
quickly form the more protective oxide film over the 
entire surface. 

The nature of the protective films formed on zine 
has not been studied as thoroughly as is the case with 
iron.: Roetheli and Cox (10) have mentioned both 
oxide and chromate films. The present experiments 
indicate that dichromate can form an impervious 
oxide film on zine. The action of fluoride in improving 
inhibition suggests that its most important function 
is to suppress chromic ion and prevent precipitation 
of chromic oxide, since the zine-fluoride complex is 
not as stable as the ferric complex ion. 

The effect of molybdate and tungstate is somewhat 
different. In acid solution, active metals reduce these 
compounds to blue, complex hydrated oxides of 
intermediate average valence or even to the quadri- 
valent state. Molybdenum blue has been studied in 
some detail (11). It is relatively insoluble in 0.3N 
HC! but forms a colloidal solution in water. The par- 
tial protection found must be due partly to oxidation 
of the metals, partly to adsorbed colloid. The fact 
that fluoride ion is not as effective as it is with 
dichromate, again suggests that the chief function of 
fluoride is to suppress chromic ion. The definite 
visible reduction of molybdate and tungstate in the 
acid solutions strongly indicates the possibility that 
the inhibition found in neutral solutions by Robert- 
son (2) was due to reduction of these ions and oxida- 
tion of the metal. Probable mechanisms have been 
discussed by Delahay (4). 

It has been found by Chapman (12) that potassium 
fluoride diminishes the inhibiting effect of chromate 
on iron, in neutral solutions, although not as much 
as potassium chloride does. The different conditions 
used in the present work are no doubt responsible 
for the apparent contradiction. The best combination 
of reagents used here does not offer any lasting pro- 
tection against corrosion by the HCI-KNO, solution. 
The purity of the metals and the rotation of the 
cylinders may be important factors. Fluoride had 
less effect with the less pure zinc than with the SP 
sample. Iron nails immersed in the best dichromate- 
fluoride solution acquired a visible film in two hours 
and were coated with rust in twenty hours. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the June 1953 issue of the 
JOURNAL. 
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High-femperature Corrosion Rates of Several Metals with 


m Hydrogen Sulfide and Sulfur Dioxide'’ 


Mitton FARBER AND DoNALpD M. -EHRENBERG 


me Jet Propulsion Laboratory, California Institute of Technology, Pasadena, California 


ABSTRACT 


The corrosion rates at temperatures above 1000°K were determined for several 
metals including copper, silver, Inconel’, nickel, 18-8 stainless steel, iron, tungsten, 
molybdenum, and tantalum in atmospheres of hydrogen sulfide, sulfur dioxide, and 
carbon monoxide. This was done by increase in electrical resistance of the metals in 
the form of filaments 0.010 inch in diameter. The metals most easily corroded in H.S 
were Inconel, iron, copper, and stainless steel, whereas tungsten, molybdenum, and 
tantalum offered the most resistance. Inconel is very resistant to SOe, whereas tung 
sten, tantalum, and molybdenum are easily corroded. Carbon monoxide increases the 
corrosion rate of nickel in hydrogen sulfide, whereas the corrosion rate of iron is de- 
creased in the presence of carbon monoxide. 
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EXPERIMENTAL MetrHop 
Basis of the Method 


The present method depended on the fact that 
corrosion rates could be determined from changes in 
electrical conductivity of metal filaments. The cor- 
rosion rate is directly proportional to the resistance 
change since resistance FR is a function of the length 
and diameter of the filament, 


l 

A 

where p = resistivity of the wire, / = length of wire, 
and A = cross-sectional area of the wire. Since the 
specific resistivity, p, is a function of temperature 
only, for a constant-length filament the rate of 
change of resistance with time at constant tempera- 
ture is proportional to the rate of change of the 


area as 


dR_ iL da 
a”. CPS 

or 
_dA__ dR 
dt PR F 





If FR, is the initial resistance of the filament and 


R, is the resistance after a time, ¢, then 


which leads to 


SR AA 
a ym 


The measurement of the quantity AR/R as a fune- 
tion of time yields a direct determination of the cor- 
rosion rate of the metal filament. If this rate is 
linear over an initial period, it has been shown that 
this fact is consistent with the assumption that the 
corrosion rate is following a_ diffusion-controlled 
mechanism as used by Gulbransen (16), i.e., 


Ww = Kt 
or in differential form 
ydy = (K/2) dt 


where W = weight increase per unit area, K = rate 
constant, and y = linear penetration. Since the 
change in area, dA, as just defined for a corroding 


wire, 13 proportional to a change in the square of the 
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linear penetration, d(y’), the parabolic rat; 
the corroding wire is 


[AW for 






_dA 
dl 





=> kAo. 








The constants k and K are related geometrically 
During the period of corrosion, a film is formed on 
the surface of the pure metal. The conductivity 9 
the sulfide or oxide coating is negligible compared 
with that of the pure metal. For example, the dat, 
of Price and Thomas (17) show that the condy- 
tivity of the Ag.S is negligible. A further cheek oy 
the conductivity of metal sulfides was made at this 
laboratory using a cast cube of FeS approximately 
1 em on a side. The check showed the conductivity 
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Fig. 1. Flow diagram of corrosion apparatus 


to be less than one-thousandth of that of the pur 
metal. 





Description of Apparatus 


Although this direct method has not been reported 
in the literature, conductivity measurements of vari- 
ous types have been used to study rates involving 
heterogeneous reactions between gases and metals 
Garner, Gray, and Stone (18) plated pure copper 0! 
the walls of a glass bulb and studied the rate ol 
reaction with oxygen by measuring the increase 10 
resistance of the copper film. Wilson and Hudso 
(19, 20) studied corrosion rates by measuring the 
change in electrical conductivity of flat metal strips 
The present method measured the change in resist- 
ance of a metal filament in a corrosive medium 
Since the rate of corrosion is obtained directly from 
the resistance change, a recording mechanism is (e- 
sirable to indicate the current and voltage acros 
the filaments. Fig. 1 describes the arrangement ©! 
the equipment used to conduct corrosion-rate ¢% 
periments. 

An exhaust manifold connected directly to 4 
vacuum pump is used to evacuate the reaction bulb 
which is mounted in a light-tight box (Fig. 2 give: 
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V for B®, detaied drawing of the bulb). The vacuum is ratio of emissivities at two colors rather than the 
measured by means of a McLeod gauge. constancy of a single emissivity. 
The ulb is filled to atmospheric pressure with an The two cells’ were mounted in a fixed position in 
nert carrier gas from the gas manifold shown in front of the bulb containing the hot filament so that 
Fig. | to which steady flow rates (as measured with the fraction of radiation intensity reaching each pho- 
ly. rotameters) are maintained by use of a series of tocell was constant during a test for a given filament 
ad on needle valves before and after the flow meters. size. One photocell responded from 2000 to 6000 A, 
ty of The incoming inert gas is passed through an elec- whereas the other responded from 7500 to 12,000 A. 
vared trically heated tube filled with copper turnings to For radiation from graybodies a good approximation 
data remove traces of oxygen impurities that may be 
idue- present in the commercially purchased gas cylinders. 
k on After the bulb has been filled to atmospheric pres- ; 
this sure, the filament is heated electrically to the desired a 
ately temperature. The temperature is then maintained 18/9 SEMIBALL 
ivity by adjusting the resistance controls with the aid of — 
| the photoelectric pyrometer which has been cali- vest wae 
brated against standard resistance data for tungsten a 
filaments (21). The method of utilizing this pyrome- 
ter is described in detail later in this section. 
A bucking voltage is applied on the current side 
of the potentiometer to increase the accuracy of the SS : 
it current measurements. This voltage is necessary Q 
HS since the current changes more rapidly than the , 
H voltage during a normal corrosion test. The corrod- TENSION SPRING 
va ing gas is metered through a separate rotameter into ee ee att 
a" a manifold along with the carrier where mixing oc- cummenines scneata Pe 
urs for a period varying from 30 to 100 seconds 65/40 SEMIBALL JOINT 
before entering the bulb. As the reaction takes place, WN 
the current and voltage are recorded simultaneously ; I] 
the temperature is maintained by holding the re- 
sponse ratio of the two photocells constant. 
pure In order to obtain uniform corrosion of the wire it nemeven~ ines (l' > 
s necessary to use accurately machine-drawn fila- GLASS SEALS | = 
ments. Thus. hot spots can be eliminated and con- Ww 
sistent burnout times obtained, thereby justifying - 
orted the resistance method for measuring corrosion rates. | ? ~- 
val 
Iving Method of Temperature Control 
etals It was believed that an optical pyrometer could : 
er ot not be used satisfactorily for holding the tempera- fucoh hmcrnteass Te 
af : ture constant since the emissivity of the coated sur- for the intensity function is given by the Wien’s 
: lace would change in some unknown way during the equation 
dso corrosion of the hot wire. The true temperature can 
, the be obtained by means of an optical pyrometer if the I=aer eo” 
trips emissivity of the metal is known. The temperature where J = intensity function at wavelength A; ¢, = 
aad is given in terms of the brightness temperature from Wien’s radiation constant = 3.74-10°° erg em’/see; 
_. the equation c. = he/k (where h is Planck’s constant, ¢ is the 
= | | velocity of light, and k is Boltzmann’s constant) = 
= fae ty Cs In € 1.432 cm °K; T = absolute temperature; and hse 
i ray 04 2 bp ng the emissivity at the wavelength X. Phe intensity 
ere S, is the brightness temperature at wave- response of the blue photocell can be written as 
on ength X and emissivity e. 
T) Pity oe eat pay oscar eutna a 
bulb from the emissivity ch J aig be: lec led ‘ . 
gives ne emissivity change, it was decided to employ ‘The electrical circuit for the photoelectric pyrometer 


4 two-color method. The accuracy of this method of 


was designed with the aid of Ralph B. Bowersox of this 
measurement depends upon the constanev of the 


laboratory. 
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and for the red cell 


i” = | Cifrer "e ew ay 


where f, and f, are the intensity-response functions 
of the blue and red cells and vary with wavelength, 
and ¢€, and ¢» are the emissivities corresponding to 
the wavelengths of the two cells. 

If it is assumed that during a test the emissivity 
change due to scale formation is similar for both 
wavelengths, an intensity ratio can be written as 

[ cifuen en” 6A 
I, , 


Ie ° ® tech?) 
| aefobn ce amd dx 


and can be approximated empirically in logarithmic 
form as 


where the constants A and B are determined experi- 
mentally. The validity of the constancy of the ratio 
€x/€e With respect to changes in 7 results from the 
fact that « changes very slowly with temperature. 

The photoelectric pyrometer was calibrated with 
a clean tungsten filament, the temperature of which 
was determined electrically with the data of Jones 
and Langmuir (21) for tungsten filaments. 


EXPERIMENTAL RESULTS 
Corrosion Rates with HS in He 


The metals tested included Inconel (79.5% Ni, 
13% Cr, 6.5% Fe), stainless steel (18% Cr, 8% Ni), 
tungsten, molybdenum, silver, iron, tantalum, and 
copper. The initial filament temperature was 
1180°K, and the gas composition was He (95%) and 
HS (5%). A diluted mixture was used since the cor- 
rosion rates of some of the metals were too rapid to 
measure in pure H.S. In order to compare the corro- 
sion rates, constant flow of approximately 250 cm‘ 
min of the corroding gas mixture was maintained at 
a pressure of | atmosphere. The filaments were all 
of uniform length (6 in.) and diameter (0.010 in.). 
As explained in the previous section, the resistance 
begins to increase as the wire starts to corrode and 
can be obtained by a direct measurement of the cur- 
rent and voltage at any time. Fig. 3, shows typical 
curves of potentiometer current and voltage for a 
corroding filament. From these curves the resistance 
changes and subsequently the rates were obtained. 
The corrosion rates for the eight metals are shown 
in Fig. 4. Inconel, iron, and copper were most easily 
corroded; tungsten, molybdenum, and tantalum of- 
fered the most resistance. 

The action of the corroding gases formed smooth 
and adhering sulfide deposits on the surfaces of tung- 
sten, molybdenum, and tantalum; however, the sul- 
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fide deposits which were formed on Inconel, stainlo. 
steel, copper, and iron were crystalline ani porous 
Enlarged photographs taken of the corro led fila- 
ments are shown in Fig. 5 through 12. A p 
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Fic. 3. Typical recording potentiometer curve of cur- 
rent and voltage during a corrosion experiment. 
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Fic. 4. Corrosion of metals with H.S 














the corroded surface was chipped away to show the 
thickness of the sulfide layer on several of the pho- 
tographs. After such deposits have formed, the rate 
of diffusion through them is a factor which is prob- 
ably important in governing further corrosion. It ha» 
been postulated that this diffusion-controlled corto- 
sion leads to a parabolic rate law (16). During the 
initial period of corrosion (see Fig. 4), a linear ratio 
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nee change is observed which supports the 
paraboliv: rate law explanation. 

The Jatter portion of the recorded data for metals 
wich as tungsten, tantalum, and molybdenum is not 
representative of constant-temperature conditions, 
because of decomposition of H.S and deposition of 
fur on the inner surface of the bulb. This deposi- 


ol resis 


‘ion is also true in the case of a sublimed reaction 
product. Since the radiation observed by the photo- 
ells was reduced nonuniformly, the initial tempera- 
‘ure could not be maintained. 





Fic. 5. Iron wire corroded with H.S. 30x 





Fic. 6. Silver wire corroded with H.S. 30 





Fic. 7. Inconel wire corroded with H.S. 30x 


Formation of a molten product which tended to 
run down the wire, as in the case of FeS, produced 
erratic current curves. Fortunately this process took 
place toward the end of a test where hot spots had 
already invalidated the recorded data. 

The porous and crystalline deposits were removed 
irom some of the filaments, and the remaining metal 
vas weighed. The weight losses were in good agree- 
ment with caleulated area losses obtained from the 
resistance Measurements. 

In the primary reaction 


HS + 2M = MS + Hz 


there is as much free hydrogen as metal sulfide 
lormed. The effect on the resistance caused by H, 
diffusion through the metal filaments was tested 





HIGH TEMPERATURE CORROSION IN H.S AND SO, 131 


over the temperature range from 800° to 1500°K 
and at gas compositions varying from 5 to 50 per 
cent H, in a helium atmosphere. The resistance of 
the metals remained unchanged during their ex- 
posure to He, indicating that the entire resistance 
change R,/R, given in Fig. 5 was due to the corrosive 
action of the H.S. 


ties amy 





Fic. 8. Tyngsten wire corroded with H.S. 30x 


PT al 


Fic. 9. Molybdenum wire corroded with H.S. 30x 





Fig. 10. Copper wire corroded with H.S. 30x 


Rei 


Fig. 11. 18-8 Stainless steel wire corroded with H.S. 30x 


From the curves shown in Fig. 4 it is evident that 
the chromium content may be playing an important 
role in increasing the corrosion resistance of certain 
alloys. It can also be seen that stainless steel is more 
resistant than is Inconel, which, in turn, is more 
resistant than iron. In these metals the chromium 
content varies from 18 per cent in stainless steel to 
13 per cent in Inconel and to zero in iron. Pure chro- 
mium filaments were not available. However, in 
order to test the effect of a chromium surface, copper 
filaments 0.005 inch in diameter were heavily plated 
with chromium to an over-all diameter of 0.010 inch. 
The chromium-plated filaments showed better re- 
sistance to corrosion than did either stainless steel 
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(18-8) or Inconel (13% Cr) wires. This fact can be varying temperature range. The absolute CACiny 


seen from Fig. 4 and, on a weight loss basis due to rate constant and the energy of activation ‘jaye a 

corrosion, in Table I. been formulated since the saccommodatic Coeff. 
Two metals, tungsten and Inconel, were chosen cients of these gases were not known.” 

for a preliminary investigation of the effect of vary- Gas mixtures containing CO (99%) and H.S (1% 

ing the partial pressure of HS on the corrosion rate. or N, (99%) and H.S (1%), were used with pure v; 


These tests were performed at partial pressures of 5 
and 15 per cent H.S. The results are shown in Fig. 13 
where it can be seen that the corrosion rates of both 
tungsten and Inconel depend initially upon the par- 
tial pressure. When the diffusion-controlled mecha- 
nism becomes important, however, the rates become 







































Fic. 12. Tantalum wire corroded with H.S. 30x 7 a a . 
Fic. 13. Effect of partial pressure of H-S on corrosi 


TABLE I. Corrosion of 0.010-inch-diameter wires with a f 
rates of tungsten and inconel. 


gas mixture of HS (6%) and He (95%) at a temperature 
of 118 K 

























































Metal Loss of welgt per second 36.0 GAS COMPOSITION Tp ; "] 
1% H,S, 99 %N, Py | 
-—<—-- 1% HS, 99% Z i 
Stainless steel (18-8) 0.0658 32.0} 25> co - | 
Inconel (79.5 Ni, 6.5 Fe, 13% Cr). 0.603 >" / | | 
Chromium plate on copper 0.0286 sas Tg ° 100% Hts | se 
: ° | 
Iron 1.48 Ts = 1300°K 7 
WIRE DIAMETER = 0.010 in / 
24 of WIRE LENGTH = Gin LZ Va 
. ° ° ° ° / | 
nearly independent of the partial pressure in this és ; A 
range. » / 
Lng 220.0 4 
: . Pa | or 
’ . ° s . + | if 
Corrosion Rates with HS in CO and in Ne . / ff 4 
e / Ps a“ 
er , ° O'6.0 7 4 7 a = 
Various metals react with carbon monoxide under . J\e Pas  ¢ 
. on 8 . / a“ 
appropriate conditions of temperature and pressure . ed 7 
. " ‘ 120 ¢ — 
to form carbonyls having the formula M,(CO),, 7 / Wa we } 
where y varies from 1 to 3 and z is 4 or greater. / // =f unt 
The filaments used in these experiments were pure os 4 ae. T 
. . . 6 ~ - anime . / ne th 
nickel’ and Armeo iron’ (99.94% Fe, 0.025% 8, a 4 _ | 
naa nine ae mae ra ' / 7 | 
0.017% Mn, 0.012% C, 0.005% P). The wires were 40 + =< — ee 
we PA 
machine-drawn and of uniform diameter. (Lr | 
The temperatures of the iron filaments were ae | 
° ° » ° 40 80 120 160 200 240 280 
checked with the resistance data of Powell (22) and TIME (sec) 


were found to be in fairly good agreement with those 
obtained by the photoelectric pyrometer. 
Nickel, iron, or tungsten when exposed to a pres- 


Fig. 14. Effect of CO on the H.S corrosion rate of Ni 


filaments at three different temperatures (800, 
1100°, and 1300°K). The corrosion rates obtained 
under these conditions are shown in Fig. 14. Th 
CO-H.S mixtures show higher rates than do the 
N.-H.S mixtures. The logarithm of the rate for \! 
with the two gaseous mixtures as a function 0! 
*Obtained from the International Nickel Company, 1/T°K is shown in Fig. 15. The three experimentally 
Ine. 
®* Obtained from the American Rolling Mill Company. 7 These are now being determined. 


sure of | atmosphere of CO did not appear to form a 
carbonyl over the temperature range studied (be- 
tween 700° and 1500°K). 

The effect of carbon monoxide on the corrosion 
rates of Ni and Fe with H.S was studied over a 


















Vol. 


obse 
seem 

A 
of ir 
(CO) 
rosi¢ 
seen 
loga 
eal ( 
pare 
tem] 
corr’ 
dilu 


RATE 





er 1959 


ACtION. 
ive hot 


Coeff. 


, 
( 
(1%) 


ure \j 


Trosior 


Ni 


(SO0", 
ained 
. The 
o the 
or N 
on ol 


ntally 





Vol. 99, Vo. 10 


observed points for each of the gaseous mixtures 
wem to be well correlated by straight lines. 

\ study of the effect of CO on the corrosion rates 
{iron With H2S was also made using a 1% H.S-99% 
(() mixture in the range 1000° to 1400°K. The cor- 
sion rate taken during the early part of the test 
wems to fit the parabolic rate law fairly well. The 
igarithm of this rate is plotted against the recipro- 
val of the absolute temperature in Fig. 16 and com- 
pared to the rate in 1% H,S-99% Ne over the same 
temperature range. The presence of CO reduces the 
vorrosion rate of iron as compared with Ne» as the 
diluent gas. At 1000°K the rate with CO is nearly 
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Fig. 15. Comparison of corrosion rates of Ni with H.S 
n CO and in Ne atmospheres. 


ne-fourth of that with Ns, whereas at 1400°K the 
rate iS approximately two-thirds of that with No. 
These results are the reverse of those obtained with 
\i where the corrosion rate with CO is twice that 
with No at both 1000° and 1400°K. 


Corrosion Rates with SO. in He 


During the combustion of polysulfide propellants, 
hydrogen sulfide is formed to the largest extent of 
ay of the sulfur-containing gases. The amount of 
sulfur dioxide formed is much less. However, a pre- 
iminary investigation of the corrosion rates of vari- 
ius metals with SO. was considered of interest. 

In high-temperature corrosion of a metal with 
‘Us, two competing reactions may be written as 
follows: 


2 
— 
II 
7 
mr 
+ 


2M = 2MO +S. 


In the case of HS, hydrogen is usually evolved, 
ausing the reaction to take place in a reducing at- 
mosphere, 


rhe corrosion rates of Cu, Mo, W, Ta, Fe, 18-8 
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stainless steel, and Inconel were determined. The 
filament sizes were the same as those used in the 
H.S experiments. The gas mixture contained He 
(95%) and SO. (5%) and was passed into the reac- 
tion bulb at a flow rate of approximately 280 cem’*/ 
min. The wire temperature was 1440°K for all of the 
metals tested with the exception of Cu, for which 
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Fic. 17. Corrosion of metals with SO. 


the temperature was 1300°K. The results of these 
experiments are shown in Fig. 17, which shows that 
Inconel is relatively resistant to SO, but corrodes 
rapidly in a mixture of He and H.S. On the other 
hand, the metals W, Mo, and Ta corrode more 
rapidly in SO, than in H,S. 


CONCLUSIONS 


On the basis of the preliminary results obtained 
from the reaction of metals with H.S and with SO., 
the corrosion resistance of the metal to a sulfur- 
containing gas seems to be determined by the gase- 
ous atmosphere. In a reducing atmosphere, metals 
such as tungsten, molybdenum, tantalum, and chro- 
mium are quite resistant to H.S. In the presence of 
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an oxidizing atmosphere, however, these metals are 
corroded quite rapidly. Nickel and its alloys are 
quite resistant to SO, but corrode very readily in 
H.S. Lron and copper are corroded very readily by 
either SO, or HS. 

No evidence has been found that carbon monoxide 
forms a carbonyl to any appreciable extent with any 
of the metals tested in the 1000° to 1500°K range 
and at a pressure of | atmosphere. The corrosion of 
Ni with H.S, however, seems to be slightly accel- 
erated in a CO atmosphere. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in. the June 1953 issue of the 
JOURNAL, 
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